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ABSTRACT
Anodic polarization curves for iron dissolution and
the cathodic polarization curves for copper deposition,
+3Fe reduction, and hydrogen liberation were studied.
These results were used to predict the relative rate of 
the three reactions:
Cu+2 + Fe - Fe+2 + Cu 
2Fe+3 + Fe -» 3Fe+2 
2H+ + Fe H2 + Fe+2
The rates of the first two reactions were found to be 
first order with respect to the reacting ions, and the rate- 
controlling step was the diffusion of the ions to the iron 
surface. The rate of hydrogen reduction was dependent on 
the partial pressure of the oxygen dissolved in solution.
The rate of the precipitation of copper was determined
. oto be about twice as fast as the rate of reduction of Fe . 
The hydrogen evolution reaction was found to be much slower 
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INTRODUCTION
Cementation, which is the name of a chemical process 
involving a typical replacement reaction, has been used 
industrially for many years. One of the most notable 
examples is that of copper recovery from solutions by 
metallic iron. Much has been written about cementation 
plant practices and the general chemistry involved. Today, 
when the process has become more important because of the 
need to treat oxide copper ores and mine waters, little new 
fundamental work has been published.
For example, little is known about the rate of the 
reaction s
Cu+2 + Fe -* Cu + Fe+2. Eq. 1
Enough thermodynamic data sire available to calculate the 
equilibrium concentrations, but the rate and means of 
attaining this equilibrium are not well established. Nor 




Other iron-consuming reactions have been mentioned, but 
the rates and factors which affect these rates have not 
been studied.
Literature
Plant operations have been well covered in the literature. 
Examples are the classical texts on copper metallurgy: 
Hydrometallurgy of Copper by W.E. Greenawalt and Metallurgy 
of Copper by H.O. Hofman and C.R. Hayward. These texts and 
other journals have excellent discussions on plant construction 
and operations, but they do not consider the kinetics involved.
A recent p a p e r b y  a group from the University of Utah 
describes a study on the chemical kinetics of this precipi­
tation reaction. In this work a tab of steel was immersed 
into a copper solution and a rate equation was determined.
They concluded that the reaction was controlled by the 
diffusion of the cupric ion to the iron surface.
Even now, however there are little data that give a 
model or mechanism for the reaction. Also, there are no 
definite indications of the relative rates of the various 
iron-consuming reactions.
Objectives of Investigation
The objectives of this investigation were to attempt to 
obtain a better understanding of the reactions involved in
T-1068
copper cementation, to establish a mechanism or model for 
this replacement reaction, and to measure the relative 
rates of the several iron-consuming reactions.
Approach to the Problem
Copper precipitation (Eq. 1) and the other iron­
consuming reactions, all involve oxidation and reduction of 
metallic reactants. As Evans(2) pointed out, it is obvious 
that the replacement reaction must be electrochemical and 
so there must be associated anodic and cathodic reactions. 
The approach to this problem is that of an electrochemical 
investigation, and it consists of measuring the electrode 
polarization curves associated with the reactions involved. 
For example, the copper cathode during deposition of copper 
was studied and the iron anode undergoing dissolution was 
also investigated. In addition, various conditions, such 
as pH and temperature, were altered to establish their 
effects on the various reactions.
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THEORETICAL BACKGROUND
In this electrochemical study of the copper-iron-water
system, it is necessary to consider equilibrium conditions
(concentrations and potentials) as well as irreversible
electrode processes and nonequilibrium conditions. A brief
discussion of the thermodynamic concepts and the conditions
involved at equilibrium, as well as those associated with a
reacting electrode, will be included here. It is necessary
to introduce these subjects in order to aid in the subsequent
discussion of the procedure and results. These ideas are
much more completely discussed in texts dealing with
(3 4 5)electrochemistry and solution equilibrium ' ’ .
Equilibrium Conditions
This discussion will consider the thermodynamic 
equilibrium of ions in solution and the heterogeneous 
equilibrium between ions and solids. The copper-water 
system and the iron-water system will be displayed in 
Pourbaix diagrams. Then, the systems will be compared and
4
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some ideas about the copper-iron-water system will be 
discussed.
A general reaction involving proton transfer and 
redox can be written as:
aA + bB + CH2O + mH+ + ne" = 0  Eq. 2
For example:
HCuOj + 3H+ + e“ = Cu+ + 2H20 Eq. 3
At constant temperature and pressure the thermodynamic 
condition for equilibrium is:
AG = 0 E q . 4
which can be rewritten
E n^AG^ - m0 FE = 0 E q . 5
where n^ is the number of moles of the ith reactant, G-̂  is 
the partial molar free energy, me is the number of equivalents 
of electrical current involved, and -FE is the electrical 
work per equivalent of electricity^®^. If the relationship:
Gi = G° + RT In a^ Eq. 6
is used and substituted into equation 5, the following is 
obtained:
T,ni G? + RT En_. In ai - mp FE = 0 Eq. 7i i i ± l l e
This general relationship is used to express the conditions 
for equilibrium (pH and redox potential) for any activities 
of reactants and products. Thus, equation 7 is used to
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develop the pH-potential diagrams.
Before the pH-potential diagrams have any meaning, a
brief discussion of the concept of potential is necessary.
It has been said that the potential E affects the solubility
of a metal exactly as pH affects the solubility of a hydro- 
(3)xide o The potential of an electrode which is in equili­
brium with the solution is not equal to that of an electrode 
which is undergoing a reaction. This difference in potential 
is due to a kinetic phenomenon and will be discussed in a 
following section.
In a redox system, an equilibrium potential is determined 
from the activities of the reactants and the products of the 
reaction; this potential is usually termed "redox potential".
If an inert conductor is placed in a solution, it will take 
on a potential equivalent to the redox potential. For 
example, if a platinum electrode is placed in a solution 
containing an equilibrium mixture of Cu+2 - Cu+ ions, the 
measured potential (referenced to a standard hydrogen 
electrode) is that which could be calculated by equation 7. 
Similarly, if a copper electrode is introduced into a 
solution of Cu+2 - Cu+ and equilibrium is attained it, too, 
will take on the same potential (equal to the redox potential); 
this potential with the copper electrode is usually termed 
"solution potential." This equality between redox potential
T-1068
and solution potential can be demonstrated by the following 
example. According to equation 5 the equilibrium potential 
is:
?ni^iE = _____  Eq . 8
mF
so for the Cu/Cu+2 (Cu+2 + 2e_ = Cu) equilibrium:
+2 ®Cu ” GCu+2E Cu/Cu = ----- ------  Eq... 92F
and the Cu/Cu* equilibrium potential:
. GCu " GCu+E C u / C u ------------ E q . 10F
the Cu+/Cu+2 (Cu+2 + e“ = Cu+) equilibrium has the equili­
brium potential
, GCu+ " GCu+2E Cu /Cu = -------------  Eq. 11
F
and
E Cu+/Cu+2 = 2 E Cu/Cu+2 - E Cu/Cu+ . E q . 12
When metallic copper is in equilibrium with the solution 
containing both ion species
E Cu/Cu+ = E Cu/Cu++ . Eq. 13
When this equation is combined with equation 12
E Cu+/Cu+2 = E Cu/Cu+2 = E Cu/Cu+ , E q . 14
it is shown that the redox potential (E Cu+/Cu ) is 
equivalent to the two electrode solution potentials.
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This example shows that any conductor in equilibrium 
with a solution containing a redox couple has a potential 
equal to the redox potential. Even when gases or solids 
are present, any conductor that is in equilibrium with an 
electrochemical system has a potential equal to the reaction 
redox potential. So, using these relationships, it is 
possible to measure the pH and redox potentials and determine 
the conditions present in a given solution.
Copper-Water System. By using the preceding concepts, 
the complete equilibrium systems can be presented on a 
single Pourbaix diagram^2). In Appendix I are the thermo­
dynamic data and reactions used in developing Figure 1. In 
this figure, the boundary lines represent the conditions 
where reactants and products are at unit activity.
This diagram is of great utility. For example, a quick 
look at the diagram shows what ions exist, and the ratio of 
their concentrations at a given pH and potential. This 
diagram is also useful in electrolytic work. If two copper 
electrodes are immersed in a cupric solution, they will 
take on a potential somewhere in the Cu+2 region depending 
on the cuprous ion concentration. In this example it will 
be at point S. When a d.c. source is applied between the 
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electrode becomes the cathode, and its potential becomes 
more positive (point C ) , and the other electrode being 
the anode becomes more negative (point A). Under these 
conditions the voltage difference between the two electrodes 
is 0.4v, and the two regions in which the points lie indicate 
the electrode reaction. The cathode is in the copper 
stability region, so that the cathode reaction is the 
deposition of copper. Similarly, the fact that the anode 
is in the cupric ion stability region means that the anode 
reaction must be the dissolution of the metal. It is worth 
nothing that these electrodes are still within the domain of 
water-stability, so neither oxygen nor hydrogen will be 
liberated.
The broken line connecting the log Cu+2 = -2 points 
shows the change produced in this diagram with a lower 
copper ion activity. Different anions, such as chloride, 
may alter this simple Cu-H^O diagram^3) .
Iron-Water System. A similar diagram may be constructed 
for the iron-water system. The thermodynamic data used and 
the reaction considered in developing Figure 2 are given in 
Appendix II.
Several features about this system should be noted.
Iron lies in a potential region in acidic solution outside 
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There is no region where Fe+*̂ ions ean exist in solution 
containing metallic iron, and the Fe+^ ion has a limited 
range of existence; it precipitates almost completely at pH 
values greater than pH'4. Again, in this diagram there are 
lines connecting the points of constant solute activities 
(log = 0  -2, -4) in equilibrium with the solid phases.
Copper-Iron-Water System. Figures 1 and 2 represent 
the situation which exists in a copper cementation system.
Examining these two diagrams, it becomes obvious that 
iron represents a cathode which lies well within the copper 
stability region. This replacement of iron by copper is 
represented by the equation:
Cu+2 + Fe = Cu + Fe+2. Eq. 15
The equilibrium concentration of copper in a solution which
contains metallic iron can be calculated from the thermo­
dynamic data given in Appendices I and II. This equilibrium
I oconcentration of copper is dependent on the Fe * activity 
and is given by the expression:
log aFe+2/aCu+2 =26.35. E q . 16
Therefore, if the solution had a Fe+^ ion activity of 0.1,
the equilibrium copper activity will be 4.5 x 1 0 “ ̂ 8
In Figure 2 are also shown the other two reactions of 
interest in a cementation system. Since iron is nowhere in 
equilibrium with the Fe+^ ion, a reaction must proceed
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between a leach liquor containing ferric ion and iron to
+2establish the Fe - iron equilibrium. This reaction is:
2Fe+3 + Fe = 3Fe+2 . Eq. 17
The equilibrium conditions for this are given in Figure 2.
The second reaction indicated is hydrogen evolution by iron:
2H+ + Fe = Fe+2 + H2 . Eq. 18
Again, Figure 2 shows that in an acidic solution iron will
reduce hydrogen.
In acidic media then, the copper-iron-water system 
has three main reactions that may occur. This study was 
conducted to determine the relative rates of these reactions. 
From this discussion it is obvious that these are electro­
chemical reactions; therefore these reactions will be studied 
by measuring the electrode characteristics for the particular 
half-cell reaction of interest.
Electrode Kinetics
If an electrode is placed into a solution with which it 
can react, its potential will differ from that of an inert 
electrode in the same solution. This difference in potential 
between the nonequilibrium system and that required for 
equilibrium provides the energy to promote the reaction.
For example, a copper electrode in a solution having a 
Cu+2/Cu+ = 10^ ratio at equilibrium would have a solution 
potential of -0.50 v. When a different potential is
T-1068
observed the reactions.
Cu 2 Cu+2 + 2e", E° = - 0 . 3 3 7 E q . 19
Cu £ Cu+ + e", E° = -0.521 E q . 20
proceed until equilibrium is achieved. The direction and 
rate of these reactions determine the irreversible electrode 
potential, but the extent of the reactions is determined by 
the thermodynamics of the system. The electrode potential 
will shift with time until the Cu/Cu+/Cu+2 equilibrium is 
reached.
There are two factors which affect the reaction potential. 
They are the concentrations (more precisely the activities) 
of the reactants and products, and the rates of the reactions. 
The reaction potential can be used as a measure of the rate 
of reaction, because the two are dependent. -
The following example is used to demonstrate how the 
reacting electrode potential provides the free energy 
necessary for a reaction. Equation 14 shows that at equili­
brium there is only one electrode potential:
E Cu+/Cu+2 = E Cu/Cu+ = E Cu/Cu+2 E q . 21 
When an electrode is placed into a solution and it 
reacts, a reaction potential E f is observed which differs 
from the equilibrium redox potential E Cu+/Cu+2. The 
electrochemical free energy is no longer zero but:
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AG = En, AG? - 23,060 n E' E q . 22i X
At equilibrium
AG = 0 = Zn± AG? - 23,060 n E E q . 23
Therefore, the difference in free energy between the reacting 
and equilibrium system is:
AG = -23,060 n (Ef - E ) . E q . 24
Now, it can be seen that the reacting electrode’s potential
in solution will indicate in which direction the reactions 
are proceeding. With a solution where Cu+^/Cu+ = 10®
(E = -0.50 v) and from equation 24 and
Cu £ Cu+2 + 2e” , E° = -0.337
Cu-*2 Cu+ + e” , E° - -0.521
it is obvious that when a copper electrode is immersed in 
the solution, the Cu/Cu+! reaction will proceed as written 
and the Cu/Cu' reaction will proceed opposite to that shown.
Activation Overpotential. To clarify this idea of the 
dependence of the electrode potential on the rate of reaction, 
some of the features of an irreversible electrode will be 
discussed.
In any kinetic process, an energy barrier must be over­
come by a large number of reacting species for a measurable 
rate of reaction to be observed; this is true in an electrode 
system also. To produce an electrode reaction that is, to
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have a flowing current, the potential of the electrode is 
changed so that the activation energy barrier is overcome.
The difference between a zero current potential and the 
potential with a flowing current is a measure of the 
irreversibility of the process, and is termed overpotential, 
or the electrode is said to be polarized.
To demonstrate this idea of an energy barrier and over­
potential, a reaction coordinate-free energy diagram is
)|(used (Figure 3). At equilibrium the AGj is the activation 
energy needed for dissolution of the metal and AG^ the 
activation energy necessary for discharge of the metal ion. 
The difference between these two free energies is the 
reaction-free energy which is related to the reversible 
potential by:
AG9 = -nFE° . Eq. 25
The rate of reaction is proportional to the number of 
particles that have energy slightly in excess of the 
activated state. The Boltzman distribution law gives the 
number of particles (n) with energy greater than AG as a
portion of the total number of particles (n-̂ ) by the relation
-AG*/RT ,, ocn = n^ e E q . 26















Metal ions about 
to discharge
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At equilibrium there exists the condition:
rate of dissolution = rate of discharge
Eq . 28
and
Ki/k 2 = efiG°/RT = e-nFE°/RT ~ constant
Eq. 29
or at equilibrium, the electrode has a constant potential.
If an electrode’s potential is changed to (E + E ’), a 
net reaction takes place and the reaction coordinate 
diagram changes (Figure 3, irreversible). In this case, the 
electrode was made anodic so that the dissolution process 
was proceeding faster than the discharge of metal ions.
This is, in effect, decreasing the activation energy barrier 
for the dissolution reaction. The rate equations become:
rl = K1 exp
(AGi-ocnE’F) E q . 30RT
r2 = K 2 0XP
AG^+U-a)(nE’F) Eq. 31RT
Using the relation 28 to obtain:
r^ = r^ expt qnE ’F RT Eq. 32
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r2 = r 2 exp - (1-g)nE *F RT Eq. 33
In these equations the rate is in gram equivalents/sec.
This can be replaced by I/F, where I is amperes and F is 
96,500 coulombs. The coefficient a is that fraction of the 
overpotential which aids the forward reaction by decreasing 
the energy barrier. Another change can be made, I = iA, 
where i is amperes per unit area and A the area of the 
electrode. Assuming a unit area, the rates can be replaced 
by i/F. At equilibrium the rates are equal, so this becomes
iQ/F. Therefore, equations 32 and 33 become:
anE ’F0 pvnexp RT Eq. 34
i2 = i0 exp -(l-a)nE’F
RT
E q . 35
The case shown in Figure 3, has an observed anodic current 
of
*1 " i 2 = ±0 e x p
anE fF 
RT
- i0 exp - (l-a)nE’F
RT 
E q . 36
This equation can be generalized for either anode or 
cathode reaction, in which case E f becomes the overpotential 
assisting the reaction (either anodic or cathodic).
Several simplifications of equation 36 can be made; 
the most important of these is that giving rise to the
T-1068 20
Tafel equation. When E f is greater than 0.05 v, the second 
term in equation 36 becomes very small; so the following 
can be obtained:
anE fFlog i = log in + —   Eq. 370 2.303 RT
Solving for the overpotential E ’:
2.303 RT i 2.303 RT , ^ ooE f = --------- log in +•-----------log l Eq. 38
anF u anF
or E 1 = a + b log i
The data will be presented in this form, the measured 
variables being current and electrode potential.
As mentioned before, activation overpotential measure­
ments are of the most interest in electrode reaction 
investigation. These measurements provide an insight into 
the mechanism of the electrode reaction. For example, the 
dependence of the overpotential on pH shows whether or not 
H+ or OH" is involved in the reaction steps; and the order 
of dependence is easily determined by using the Nernst 
equation.
Also the slopes of the anodic and the cathodic Tafel 
curves give an indication of the number of electron changes 
and whether the anodic and the cathodic processes are the
same. For example, consider the Tafel equation:
E ’ = A + 2.303 RT ^Qg  ̂
anF
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it is obvious that, for a single electron-discharge rate- 
determining step, the slope of the Tafel curve must be
2.303 RT/ctF at 25°C = 0.059/a, where 0 < a < 1. If the 
anodic and the cathodic processes are the same, requiring 
the same amount of activation energy a = 0.5.
When the overpotential results from processes other 
than electron transfer, a is usually greater than one.
Several steps in electrode processes, other than electron 
transfer, can occur and are associated with atomic changes 
or arrangements on the electrode surface. One example is 
the surface diffusion of a particle to a deposition site.
From the preceding discussion, it can be seen why the 
measurement of activation potential is useful in studying 
reaction rates and mechanisms.
Ohmic Overpotential. There are two other major factors 
which produce a potential different from the equilibrium 
potential at a reacting electrode. The first of these is 
ohmic overpotential.
Ohmic overpotential is usually of little or no interest, 
and every attempt is made to eliminate it by experimental 
techniques. This overpotential is the potential drop due 
to the electrical resistance of the solution between the 
reacting electrode and the measuring reference electrode.
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Two general methods are used to eliminate this potential 
from the measurements. The simplest method of eliminating 
this overpotential is to use a Luggin tubulus as a liquid 
bridge from the reference electrode to a point close to 
the measured electrode surface. If current densities are 
high (greater than 1 amp/cm^) this single measurement may 
still include some ohmic ©verpotential. In these cases, 
readings are made of several closely-spaced points near the 
electrode, and then these data are extrapolated to the 
electrode surface.
A second means of eliminating ohmic overpotential is 
by making the electrode potential measurements using 
interrupted circuits. By this means, the potential is 
measured the instant a circuit is opened; the ohmic over­
potential decays instantaneously, and then there is a linear 
decay of the electrode potential (for short times of about 
3 x 10"^ sec). This decay is extrapolated to the time when 
the circuit was opened, giving the electrode potential 
minus the ohmic overpotential.
Concentration Overpotential. The second source of over­
potential, other than activation, is concentration overpotential 
which arises from a difference in concentration of products or 
reactants between the bulk of solution and that at the
T-1068
electrode surface. In this case, the rate of a reaction is 
limited by the rate of ionic diffusion. Figure 4 shows a 
concentration gradient due to the depletion of reactants at 
the electrode surface. This situation can be described 
mathematically using Pick’s Law of diffusion with the 
straight line approximation (B-S) giving:
£*§ = ^2 / \ E q . 40
dt 5 : ’ C
where" dS/dt is the rate of transport to the electrode of a 
species (S) having an activity of a in the bulk of solution 
A is the area of electrode 
D is the diffusion coefficient 
6 ’ is the effective boundary layer thickness 
a is the activity of reactant in bulk solution, and 
ac is the activity at the electrode surface.




ZF 6' (a"ac> Eq. 41
Eq. 42
o(i = current density, amp/cm*6)
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Figure 4: Diffusion Boundary






   — >
Distance From Electrode Surface
T-1068
This assumes only diffusion; there is also normal trans­
ference of ions through the boundry layer. With an ion 
having a transport number of t, there is a rate of discharge 
of this ion given by:
v '
nF
where i T is the current density due to transference. At
steady state
i + i 1 D "t i- -  = (a-a ) + _±—  Eq. 43nF § c / nf
i + i' - t.i' = 125 (a-a_) Eq. 44+ 6'
t . tv nFD , vim = (i + i ) = -------- (a-a„) Eq. 45
6'(l-t+)
vjip'n  = constant (for given conditions) Eq. 46
i»p K (a-ac) Eq. 47
ima^ = a - —  Eq. 48
c K
When all other reaction steps are fast as compared to 
diffusion, the electrode potential is given by:
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Ec = E° - SI In l/ac Eq. 49
nF
and the potential of a reversible electrode by:
E = E° - SI In 1/a. Eq. 50nF
The concentration polarization is the difference between
the irreversible and reversible potentials or:
AE = E„ - E = SI In . Eq. 51c nF a
Then, substituting for ac by equation 48, the concentration 
overpotential becomes:
[AE] - SI In sK E q . 52
nF aK-i
Several factors which affect concentration polarization can 
easily be seen by examining equation 52 and the expression 
for K (Eq. 46). Concentration overpotential can be reduced 
by increasing the ion activity in the bulk of solution at a 
given current density. The parameter K is made up of 
several physical constants that can change so as to affect 
the concentration overpotential. For example, increased 
agitation decreases b' so that the overpotential is reduced.
Where i -* aK (Eq. 52) the polarization overpotential 
becomes very large and the current density becomes constant 
This is the diffusion limiting current:
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and it establishes the maximum rate of a reaction controlled 
by diffusion.
These ideas of electrode irreversibility will be used 
in the discussion of the data to show how electrode measure­
ments may be used to determine the relative rates of the three 
reactions considered. From this discussion and the data 
obtained, it is easy to see what affects these reaction 
rates and what is the limiting step.
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EXPERIMENTAL PROCEDURE
There are two general sets of experiments. The first 
experiments are the electrode galvanostatic measurements 
(both anodic and cathodic) which were used to determine 
the rate of the reactions and the dependence on various 
parameters. Cementation experiments comprise the second 
series of experiments. These were used to check the rates 
predicted from the electrode measurements.
Galvanostatic Electrode Measurements
Cathodic and anodic polarization curves were obtained
(4 5")using galvanostatic techniques ’ ' . Figure 5 shows a 
schematic diagram of the system used.
Apparatus. The cell and the solution reservoir were 
made of glass and all of the tubes which dipped into the 
solution were of glass. The solution transfer tube was 
tygon and the cover of the cell was nylon. The two com­
partments of the cell were separated by a medium glass-frit 
to prevent solution mixing.
28
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Several electrodes were used. The working platinum 
electrode was simply a one-inch square sheet, welded to a 
platinum lead. The reference electrode was a saturated 
calomel electrode with a quartz-fiber liquid junction.
There were several measured electrodes. These consisted of 
copper, pure Iron, steels and cast iron. A chemical 
description of these electrodes is given in Appendix IIIo 
The measured electrodes were machined to about 1.35 
cm in diameter. Only a portion of the length of the electrode 
was exposed for a measurement; the rest was masked with a 
hard drying lacquer. The lacquer covering was dried under 
infrared lamps for 10 minutes. The actual geometric 
electrode area was determined by measuring the diameter and 
length of the unmasked portions after each experiment.
The potentiometer was a Beckman Model G pH meter.
The d.c. supply was a selenium full-wave rectifier. Both 
of these pieces of equipment were connected to the spinning 
measured-electrode by a mercury contact. Milliam meters 
used were accurate to 0.5% of full scale reading and the 
measuring meter was between the measured electrode and the 
power supply.
The electrode was rotated by means of a laboratory 
stirrer and the rpm was constantly controlled by a stroblight. 
A flexible coupling between the stirrer and the electrode was
T-1068
used to eliminate any electrode vibration.
The electrode cell and the solution reservoir were both 
immersed in a constant-temperature water bath. This water 
bath controlled the temperature so that it varied no more 
than ± 0.02°C.
Materials. All of the reagents used were of reagent 
grade. Of the salts used, none were recrystallized, and the 
analysis given by the manufacturer was used to make up the 
solutions. All of the solutions were made with distilled 
water.
The nitrogen used was high purity and no further attempt 
was made to purify it. The stream of nitrogen was saturated 
with water before it was used to purge the solutions or to 
flood the electrolysis cell.
The air was also saturated with water and degreased 
before being used. The oxygen used was that commercially 
available for welding and was saturated with water before 
using.
The chemical characteristics of the metal electrodes 
used are given in Appendix III.
Procedure. All of the electrode experiments were run 
the same way, except for changes in solution composition and 
in the polarity of the measured electrode.
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The solutions were made-up so that a 0.5M S0^= 
concentration was maintained. This was accomplished by 
adding sodium sulfate in various amounts, after taking into 
account the concentration of acid and other sulfate salts 
in the experimental solution. For example, if 0.05M CuSO^ 
was needed for an experiment, then the balance of the sulfate 
was obtained by adding 0.45M Na 2 S(>4 . This salt concentration 
was used to reduce solution resistance and to maintain a 
constant ionic strength near the electrode surface during 
the measurements. The general procedure was:
1. The electrode surface was cleaned by polishing with 
320A emery paper and finishing with 400A paper.
2. The electrodes were masked to expose the desired 
area by brushing on lacquer. The lacquer was dried under 
infrared lamps for 10 minutes.
3. The entire assembly (cell, reservoir, and tubes) 
was cleaned with a chromic-acid cleaning solution. This 
was rinsed 5 times in distilled water after all color had 
been washed away. These pieces were allowed to dry, and 
then the apparatus was assembled in the water bath.
4. The solution was next placed into the reservoir 
and nitrogen was passed through it. This solution was 
allowed to come to a constant temperature before the 
experiment began.
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5. Just prior to making measurements, the stirrer was 
started, and the rectifier was turned on to allow this 
equipment to stabilize. The speed of the spinning 
electrode was continuously monitored with a stroblight,
and adjustments were made throughout the experiment.
6. The experimental solution was transferred to the 
cell by nitrogen pressure so that the solution did not 
contact any air. The cell was continuously flooded with 
nitrogen.
7. Measurements were started after about a minute in 
order to eliminate any temperature differences between the 
solution and the electrode. A current was established by 
adjusting the rectifier, and then the potential was measured. 
A sufficient length of time was allowed for the current and 
the potential value to reach a steady state.. An entire 
curve was produced by making measurements at increasing 
currents. Checks on the curves were made by returning to 
zero current and re-running the experiment. Again, some 
time was allowed for the electrode to depolarize.
8. After the polarization measurements were completed, 
the apparatus was disassembled and the exposed area of the 
electrode was determined.
At times, additional checks were made to be certain 
that constant conditions were maintained throughout the
T-1068
experiment, such as measuring the final pH.
Cementation Experiments
To check the predicted rates determined from the 
electrochemical measurements, cementation experiments were 
run.
Apparatus. The equipment was the same as that used 
for the electrode measurements. The only difference was 
that no external power supply was attached to the electrode.
Materials. Again, the same reagents were used for 
these experiments as for the galvanostatic measurements.
Procedure. With the same setup, the steps of the 
procedure were essentially the same as in the polarization 
experiments.
1. An iron electrode was mechanically cleaned as 
previously described; then it was masked and dried.
2. The glass assembly was cleaned and placed into the 
water bath. The solution was placed into the reservoir, and 
the entire assembly was allowed to come to temperature. As 
before, the solution was purged with nitrogen.
3. The stirrer was started, and the solution was 
quickly forced into the cell.
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4. Solution samples were taken as the experiment 
proceeded. These samples were analyzed, and a rate curve 
was developed.
5. After the experiment, the apparatus was disassembled 
and the geometrical area of the iron exposed was determined.
The analyses of these solutions were made by the 
Colorado School of Mines Research Foundation, Inc.
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EXPERIMENTAL RESULTS
The galvanostatic electrode measurements were performed 
to determine the relative rates of the three reactions:
Cu+2 + Fe - Cu + Fe+2 
2H+ + Fe >  H2 + Fe+2 
2Fe+3 + Fe = 3Fe+2 
From these equations, the appropriate electrode reactions 
can be determined. The first one is:
Fe - Fe+2 + 2e”
which is the anodic dissolution reaction of an iron electrode. 
The other reactions are:
Cu+2 + 2e” - Cu 
H+ + e- -» |H2 
Fe+3 + e- -* Fe+2 
These are all cathodic reduction reactions.
The general areas of experimentation now are obvious. 
These are the iron anodic dissolution reaction, the 
cathodic reactions, and cementation experiments to check
36
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the predicted rate of the reactions.
The data are presented in Appendix V and a discussion 
of the accuracy and expected error of the data is given in 
Appendix IV.
Iron Anode
The reaction mechanism has been extensively studied by 
others(8,9)  ̂ -this work was performed for two reasons:
first, a set of results was needed that would be comparable 
with the other data obtained. Second, these data would 
give a good check on the simplified apparatus and procedure 
used in this investigation.
Effect of Electrode Position. Figure 6 shows the 
difference obtained in a polarization curve with the refer­
ence electrode at various distances from the measured 
electrode surface. At a position some distance from the 
electrode, a curve developed at higher current densities.
Effect of Agitation. The effect of agitation on the 
anode polarization curve is shown in Figure 6. Both curves 
show data determined at 300, 200, and 100 rpm.
Effect of p H . Pure iron (F.V.E.) was used as the anode 
is this study. The solution contained 0.5M SO^_ and had 
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Figure 7: Pure Iron Anodic Polarization Curves, Effect
of pH
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Figure 8 is a plot of the pH dependence on the electrode 
potential at a current density of 1.0 ma/cm^. The straight 
line in Figure 8 was obtained by a least squares fit.
Effect of Electrode Composition. In addition to pure 
iron, several other anodes were studied. These electrodes 
(see Appendix III) ranged from mild steels to a cast iron.
The data obtained using these electrodes are given in 
Figures 9-11.
The pH dependence of these electrode potentials as 
determined from the preceding data is shown graphically in 
Figure 12.
Figure 13 shows the effect of the carbon content of the 
iron anode on the electrode potential.
Effect of Temperature. With the F.V.E. electrode in a 
0.5M SO^= solution at pH 2.5, the effect of temperature on 
the anodic dissolution of iron was measured. The data from 
these measurements are shown in Figure 14. The dashed lines 
are all referred to a saturated calomel electrode at 25°C.
Effect of Fe+^ Ion Concentration. The effect of Fe+^ 
ion concentration on the anode characteristics was studied 
















Figure 8 : Dependence of the Iron Anode Potential on pH




















Figure 9: Anodic Polarization Curves for Electrode C as a
Function of pH.
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Figure 11: Anodic Polarization Curves for the Cast Iron
Electrode (Cl).
10.0 — /0 ~
0.1
-560 -545 -520
Electrode Potential (mv) - Referenced to 





























Figure 13: Effect of Carbon Content of the Iron Anode on
the Electrode Potential as a Function of pH 
(25°C).
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Figure 15: Effect of Fe Ion Concentration on the Iron 
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Effect of Fe + 2  on the Iron Anode at pH 1.
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Effect of Fe + 2  Ion Concentration, In a 0.5M SO4
+3solution, three different Fe concentrations were used in 
experiments at two different pH values. These data are 
presented in Figures 17 and 18.
Copper Cathode
The iron anode work showed that the procedure in use 
gave results which compared with the published work for 
the iron electrodes, so that the same procedure and apparatus 
were used for the copper cathode studies in the second part 
of this investigation. There are three separate investiga­
tions in this series of experiments. These are studies of 
the rates of: 1 ) copper reduction, 2 ) Fe+ 2  ion reduction, 
and 3) H+ reduction on a copper cathode.
Effect of pH on Copper Reduction. Figure 19 is the 
result of a study of the effect of pH on the copper reduction 
reaction. Two concentrations of Cu+ 2  were used with two 
different pH values for each concentration. These curves 
were made at 25°C, with an electrode spinning speed of 200 
rpm, and in a 0.5M S O ^  solution.
Effect of Agitation on Copper Reduction. Agitation or 
the rate of the spinning electrode was controlled with a 














Figure 17: Effect of Fe + 3  on Iron Anode Characteristics
at pH 2.5
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Figure 18: Effect of Fe+ 3  Ion on the Iron Anode at pH 1.5
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Figure 19: Effect of pH on Copper Deposition at a Copper
Cathode at 25°C and 200 rpm
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control the rate of spinning during the tests. Figure 20 
contains the polarization curves obtained at various 
electrode speeds. From these data, Figure 21 was developed 
showing the dependence of the current density (at -500 mv) on 
the linear surface speed of the electrode.
I OEffect of Cu Concentration on the Rate of Copper 
Reduction. A series of five experiments at different 
copper concentrations was run. The experimental conditions 
were 25°C, 0.5M S0 4 = , pH 2.5, and 200 rpm. Data for these 
experiments are shown in Figure 22. Figure 23 shows the 
dependence of the current density on copper concentration at 
-600 m v .
Effect of Temperature on Copper Reduction. Three 
different temperatures were investigated in this study:
25.0°C, 39.3°C, and 53.5°C. The pH was 3.5, and the 
solution contained 0.5M S0 4 = . Three different agitation 
rates were studied and these data are given in Figure 24.
Effect of pH on Fe * 3 Ion Reduction. The effect of pH 
on the rate of reduction ferric to ferrous ion at a copper 
cathode was studied as part of the investigation on the 
effect of agitation. These data are shown in Figure 25.























Figure 20: Agitation Effect on the Copper Deposition Rate 
at 25°c 
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Figure 22: Cathodic Copper Deposition Curves as a Function
of Cupric Ion Concentration at 200 rpm, 25°C
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Figure 23: Rate of Copper Deposition as a
Function of Cupric Ion Concen­
tration at 25°C, -600 mv? and 
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Figure 25: Agitation Effect of Fe+ 3  Reduction at a Copper
Cathode (25°C).
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4-3Effect of Agitation on Reduction Rate. Figure 25
shows the effect of agitation (electrode spinning speed) at 
two ferric ion concentrations and at two different pH 
values. These data were obtained at 25°C and in 0.5M S0^= 
solution.
Effect of Fe+^ Concentration on the Rate of Reduction.
i QSix experiments were run at Fe concentrations from 0.1M 
Fe+^ to 0 .0 1 M Fe+3. The results were for 25°C, at 200 rpm, 
and with pH values of 1.5 and 2.5; these data are presented 
in Figures 26 and 27, Figure 26 contains the actual polariza 
tion curves and Figure 27 shows a plot of the dependence of 
the current density on the Fe+^ concentration at -560 mv.
Effect of Temperature on the Fe+^ Reduction. With a 
Solution containing 0.05M Fe+^, 0.5M S0^= at pH 2.5, 
polarization curves were run at three temperatures (25.0°C, 
41.5°C, and 51.5°C). These data are given in Figure 28.
Effect of Oxygen on the Rate of Hydrogen ReductionJat 
the Copper Cathode. Due to a high overpotential for hydro­
gen liberation at a metal electrode, a depolarizer is 
usually needed to produce a significant rate of reduction. 
Oxygen is known to be one of these depolarizers, and it is 
probably what acts as such in a cementation system. Figures 














i QFigure 26; The Cathodie Polarization Curves of the FeT 
Reduction on Copper
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Figure 27: Fe+^ Reduction Rate on Copper as a
Function of Concentrations at 






Figure 28: Temperature·Effect ·on the Rate of Fe+3 Reduction 
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Figure 31: Hydrogen Reduction at a Copper Cathode, pH 3.5,
25°C
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with gases containing various oxygen contents at three 
different pH values in a 0.5M SO4 - solution. The dependence 
current densities on the oxygen pressure in the saturating 
gases is shown in Figure 32.
Effect of pH on Hydrogen Reduction. From the data in 
the previous studies, the effect of pH can be derived.
Figure 33 shows the effect of pH 6 n the rate of hydrogen 
reduction at the various oxygen levels.
Effect of Agitation on Hydrogen Reduction. This study 
was run as part of a previous study, and the data is shown 
in Figures 29 through 31.
Effect of Temperature on the Rate of Hydrogen Reduction. 
The effect of temperature on the rate of hydrogen reduction 
with the three different levels of oxygen saturation was 
measured. These data are in Figures 34 through 36. The 
dashed lines represent the electrode potential referred to 
a saturated calomel electrode at 25°C.
Kinetic Experiments
Several experiments were conducted to see if the rates 
determined by the electrochemical measurements would, in 
fact, predict the rates of reduction. First, separate 
experiments were run for each of the reactions studied;
T-1068
Figure 32: Current Density of the Hydrogen Reduction
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Figure 33: Effect of pH on the Hydrogen Reduction Rate
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Figure 34: Effect of Temperature on Hydrogen Reduction at 
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Figure 35: Effect o-f"Temperature 
on Hydrogen Reduction 
at a Coppet·Cathode 
in Air-Saturated 
~olµti9n, pK 2~5, 
200 rpm 
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Figure 36: Effect of Temperature on Hydrogen Reduction at
a Copper Cathode in an Oxygen-Saturated Solution, 
plf 2.5, 300 rpm
T 149, pH 2.5, 39.5°C
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T 149










Cu+ 2  + Fe - Gu + Fe + 2  
2Fe+ 3  + Fe - 3Fe+ 2  
2H+ + Fe - H 2  + Fe + 2  .
Then an experiment was run where all three reactions were 
allowed to proceed simultaneously.
Copper Cementation. A 0.01M Cu+ 2  solution at pH 3.5 
was used with a F.V*E. iron sample for cementation. The 
conditions were a temperature of 25°C, a sulfate concentra­
tion of 0.5M 8 0 4 s5, and an electrode spinning rate of 200 rpm. 
Figure 37 shows the experimentally determined rate curve 
and the curve predicted by the electrode measurements.
Iron Re duet ion. In this reduction experiment a 
solution containing 0.1M Fe+ 2 , 0.53\l SO^” at a pH of 2.5 was 
used. Again, an iron (F. V;E.) specimen was used as the 
reductant. The results of this experiment and the predicted 
rate curve are shown in Figure 38.
Hydrogen Reduction. A similar experiment of the rate 
of reduction of hydrogen was tried using an iron (F*V.E.) 
specimen in air-saturated solution containing 0.5M SO4 ” 
with a pH of 2.5 at 25°C. The iron was rotated at 200 rpm 
and the solution pH was read at intervals with the meter 
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Figure 38: Iron Concentration vs Time - when 450 ml of
0. 1M Fe , 0.5M S04“ , pH 2.5, solution at 
25°C is in contact with iron (f*.V.E.) having 
an exposed area of 12.60 cm^ turning at 2 0 0  
rpm









Figure 39 shows the data obtained and the curve predicted by 
the electrode measurements.
Composite Test. In this experiment all three reactions 
were allowed to proceed simultaneously. This was done in 
order to determine if there would be any interference among 
the reactions or if they would proceed independently.
The solution used in this experiment contained 0.5M 
S04  , 0.1M Fe+3 and 0.1M Cu+ 2  ion concentration, and had a 
pH of 2.5. The iron used was F.V*E0, and it was rotated 
at 200 rpm. The solution was saturated with air at the 
beginning and was open to the atmosphere during the experi­
ment. Temperature was controlled at 25.0°C. The data 
































Figure 39: Hydrogen Reduction Experiment - when 450 ml
of pH 2.5, 0.5M SO4 - , solution at 25°C is 
in contact with an electrode (F.V.E.) having 
an area of 12.80 cm^ and spinning at 2 0 0  rpm
0.01 -
Experimental
Predicted Curve0 .0 0 1 --
0 100 200 500400300
Time (minutes)
T-1068
Figure 40: Composite Cementation Experiment - with 428 ml
of solution containing 0.5M S0 4 = , 0.1M Fe+3, 
0.01M Cu+2 at pH 2.5 and 25°C. The iron being
F.V«,E. spinning at 200 rpm, with an area of 
12^3 cm 2 o Experimental Total Fe
0.1 - Predicted Total Fe
Predicted Fe+^ Concentration0.05 ”














The galvanostatic electrode measurements will be used 
to develop rate equations for the cathode processes. From 
these rate equations, the relative rates of the three iron­
consuming reactions in a cementation circuit will be derived. 
The derived equations are then checked by reduction tests.
In addition several parameters were investigated, and 
the effect these have on the relative rates will be discussed.
Iron Anode
(2,3,8, 10,10This reaction has been well studied and, for a detailed 
mechanistic investigation, one should refer to the literature, 
especially the paper by E.J. Kelly^^ . Anodic iron galvano­
static data were collected in this study in order to have a 
set of data comparable to that obtained for the other electrode 
reactions investigated. A second reason for obtaining these 
data was to have a check on the simplified procedure used.
80
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Effect of Electrode Position. The two curves shown in 
Figure 6 indicate the effects that the electrode position 
will have on the polarization curve. The curve (Experiment 
28, pH 3.5) was made with the reference electrode 14.7 mm 
from the measured electrode’s surface. Deviation from a 
straight line at the higher current densities is due to 
solution resistance or ohmic overpotential. Therefore, it 
is obvious that the desirable placement of the reference 
electrode is near the measured electrode surface.
Several other preliminary experiments were conducted 
to study other electrode positions. The results indicated 
that, with the setup used, the potential was symmetrical 
around the spinning electrode. Another feature determined 
was that within 2 . 0  mm of the measured electrode’s surface, 
the potential was independent of the exact position of the 
reference electrode.
Effect of Agitation. Again, referring to Figure 6 , it
is obvious that the rate of spinning has no measurable effect 
on the polarization curve between 100 and 300 rpm, which 
represents linear surface speeds of 400 to 1,200 cm/min.
Effect of p H . It is assumed that the rate equation has 
the form:
• = • anE’F/RT
X SL -L0 e
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(see Eq. 36) and that i = KaH+^m^ . From these we obtain
log i = log K + m log H + + ocnE’F
RT
c) log i
3  e !
=  anF 
pH RT
also
3 e ‘ I = -mRT 
ĉ) pH Ji an
From Figure 7 and Figure 8  the
5 log i\ _ 1 an
3 E 1 pH 0.030 0.059
3 e
c) pH
0.059= 0.040 = -mi an
n = 2
m = - 1  (chojen *f<o a^ree wi'flo ‘f'he. proposed mec^an »5Kn̂  
when a = 1
These data agree with the mechanism proposed by Heusler^®^ 
which is:
Fe + OH" - Fe (OH) J + e"(fast)ads
(FeOH)acjs + Fe = Fe(OHFe)adg = constant (slow)
Fe(0HFe)a(js + OH" FeOH+ + Fe(0H)a(jg + 2e (rate determining
step)
FeOH+ + x • H„0 ~ Fe+2„„ + OH" (fast).& <*q
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However, there is much disagreement about this electrode
mechanism. Some investigators obtain a value of 
1
(S log i
d E I pH
giving rise to a slightly different mechanism.
0.040
This latter result has been obtained more recently with higher 
purity iron, and is probably the correct value. The discre­
pancy between the results obtained and this 1/0.040 value 
is possibly due to the iron electrode used (F„V.E., 99.86%
Fe) or some other slight contamination in the cell. It is 
significant that the anodic polarization curves obtained 
for the other iron and steel electrodes all have the same pH 
dependence on the potential, but there is a large variation 
in the slopes of the Tafel curve (Figures 9, 10, 11, and 12).
Effect of Electrode Composition. These data are all
shown in Figures 9 through 11 and are summarized in Figures 
12 and 13. There are three features of interest; these are:
1) a constant pH-potential dependence, 2) a variable Tafel 
slope, and 3) a dependence of the zero current density 
potential on the dissolved carbon content.
A look at the mechanism given in this paper and the 
other proposed mechanisms shows that the pH dependence is 
due to the hydroxyl ion concentration in solution. Since 
this potential dependence is due to a solute species, the 
carbon dissolved in the electrode would not be expected to 
affect it.
T-1068
The Tafel slopes for most of the electrodes are about 
20-30 mv/decade except for electrode C where the slope is 
70 mv/decade. This would suggest that the mechanism of 
dissolution is the same. It has been suggested that Tafel 
slope changes like those observed with anode "C" are due to a 
change in the specific surface active sites^*^ . This could 
be the case, or it could be due to the high Mn content of 
this electrode (see Appendix I I I ) .
Figure 13 shows the effect of carbon on the zero current 
electrode potential; again notice the anomalous behavior of 
electrode C. This figure shows a definite relationship 
between dissolved carbon and pH. This is best explained 
by saying that the carbon has increased concentration of 
dissolution sites of the iron undergoing dissolution. For 
the reaction:
+ 2Fe -♦ Fe + 2e, 
the potential would be given by
E = E° - 51 In a F e + 2  .
For pure iron:
nF aFe
E' = E° - —  In a F e + 2
nF
the potential difference is
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_i_QFor a constant Fe activity:
E T - E = —  In A - nF «Fe
E - E 1 = 0.030 log aFe
From Figure 13
^  = 0.035
®- /PH
So, for a unit change in carbon content, there is a potential 
change of 0.035v. The Nernst equation and this potential 
change show that iron, undergoing anodic dissolution, will 
increase in activity with the increased dissolved carbon. 
Others have observed this same effect and have given various 
e x p l a n a t i o n s . One theory states that the increase in 
activity is due to an increase in surface defects which are
the active dissolution sites.(
Effects of Temperature. Figure 14 shows the effect of 
temperature. The shift in the potential of the curves is 
explained by reference to the Nernst equation:
E = E° - —  In a~ +2; andnF Fe
the change in the slope of the curves can be interpreted 
by equation 37.
anE'Flog i = log i + ---------  .
u 2.303 RT
These data are consistent with these equations.
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Effect of Fe+2 . The effect of Fe+ 2  concentration is 
shown in Figures 15 and 16. Notice that the results are 
very erratic, and it is difficult to say that there is any 
real effect. This erratic feature may be due to the fact 
that the Fe(OH)+ is an adsorbed species on the electrode 
surface. There seems to be a slight effect of the electrode 
spinning rate; also, the slope of the Tafel curve appears 
to be 20 mv/decade. However, due to the erratic nature of 
these results, no conclusion can be made from these six 
experiments.
Effect of Fe+3. This case is complicated by the fact 
that not only is an anodic reaction proceeding but so is 
the cathodic reaction:
2Fe+ 3  + Fe - 3Fe+ 2  .
The constant potential portion of the curve is the 
section in which the cathodic reaction is controlling the 
electrode potential. Several iron cathode experiments were 
run to show this correlation, and these data are given in 
Figure 41. Notice that the point where diffusion begins 
to control the cathodic curve is about the same point where
the anodic polarization curve begins to show the true anodic/














Figure 41: Fe+*̂ Reduction at an Iron Cathode
A UJ. , £d . Vy ,
200 rpm, 0.10M Fe + 3
25°C, 0.05M Fe+ 3
300 r
T 87, pH 2.5, 25°C, 
200 rpm, 0.025M Fe+ 3
-800
Electrode Potential (mv) Referenced to Saturated Calomel
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The electrode potential in these cases is complicated 
by the several reactions which are occurring. However, in 
Figure 17 and 18 there is the typical 40 mv/pH shift. The
lOshift in potential observed when changing FeTJ concentration 
is due to the relative rates of the anodic and cathodic 
reactions occurring. Also there is some effect due to 
agitation observed in these curves. This may be due to the 
diffusion of the Fe+ 3  reactant to the electrode surface.
These data or anodic polarization curves will be used 
with the following copper cathode curves to develop an 
expression for the rate of cementation.
Copper Cathode
The three reactions investigated in these experiments 
have also been studied by others, especially the hydrogen 
reaction. Most of these studies deal with mechanistic 
determinations. However, as will be shown, the cementation 
processes are not controlled by the chemical mechanism but 
by diffusion.
Effect of pH on Copper Reduction. The data in Figure 
19 show that there is essentially no effect on the copper 
reduction reaction due to the hydrogen ion concentration;.
A slight difference in the curves is observed where the , 
curve becomes diffusion controlled. This difference is due
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to the greater transference at the higher acid concentration. 
As the system becomes diffusion-controlled, the solution 
conductivity is maintained by the H+ .
Effect of Agitation on Copper Reduction. The cathodic 
polarization curve shows that the reaction becomes diffusion- 
controlled at the current densities investigated. The effect 
of agitation, increased electrode spinning rate, is a 
reduction in the diffusion boundary region. This reduced 
boundary allows the reaction to proceed faster (Eq. 42). 
Figures 20 and 21 show these relations.
In a static system, the diffusion limiting current 
density is only 0.30 ma/cm2  and by increasing the speed of 
rotation this limiting current density is increased. However, 
there is a limit to the increase in the diffusion current 
that can be achieved by increasing the electrode spinning 
rate. This limitation is due to the fact that the diffusion 
boundary can only be made so t h i n . In this system, a 
linear surface velocity of about 3000 cm/min seems to produce 
this limiting boundary layer.
Effect of Cu+^ Concentration on the Rate of Copper,
Reduction. The exact mechanism of this reaction proceeds
M3,1 4)
K-, K.
through the cuprous i o n ^ ^ ’ . The reaction being:
Cu+ 2  * CiT Cu
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The rates K 2 and are rapid, so that the cuprous concen­
tration is very low. Cupric ion concentration in solution 
controls the reaction rate. This is shown by:
i/F = K-̂  aQU+2 - K_ 2  a^u + (K2 -K_^) a^u+
and K_-̂  »  K-̂  and K 2 »  . If the electrode is made
cathodic, > K_2, so the rate equation is:
i/F = K± aC u + 2
The results of this study shown in Figures 23 and 42 agree 
with this mechanism and give the relationship:
i = 174 (Cu+2) ; 
where i is ma/cm2 and (Cu+2) is given as (M) in a 0.5M 
S(>4 = solution at 25°C with an electrode spinning rate of 
2 0 0  rpm.
Effect of Temperature on the Rate of Copper Reduction. 
Figure 24 shows the effect of temperature on the diffusion 
steps. If this rate is given by an Arrhenius equation:
rate = i/F = Ke”^aiJ/ ^  , 
then a plot of log i vs 1/T will give a straight line from 
which the activation energy can be computed. Figure 43 
shows this plot and calculation. This value of 5 Kcal is 













Figure 42: Determination of the Order of the Copper
Deposition Reaction (25°C)
10. Or
i = K (Cu+2)m 
log i = log K + m log Cu+ 2
m = slope
Slope = 1













Figure 43: Activation Energy Determination
of Copper Deposition at -560 my
300 rpm
2 0 0  rpm
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Effect of pH on Fe + 3  Ion Reduction. The second cathodic 
reaction investigated was the reduction of ferric ion to 
ferrous ion at a copper cathode. The effect of pH on the 
reaction rate was negligible (Figure 25).
Effect of Agitation on Fe Reduction Ratev . Againy,the
rate of the cathodic reaction is dependent on the concentra­
tion of reactants at the electrode surface. As the rate of 
the reaction increases, a point is reached where the reaction 
proceeds faster than the reactants can diffuse to the surface 
of the electrode. As with the copper system, a diffusion 
control is shown in the cathodic polarization curves (Figure 
25). A similar dependence on the rate of agitation is shown 
in this system as in copper reduction. Notice, however, at
the same concentration and agitation the copper diffusions
\
limiting current is higher. For example, with 0.01M Fe + 3  
and Cu+^ concentrations, at 25°C and 200 rpm, diffusion 
control occurs around 0 . 8  ma/cm^ for ferric ion and around 
1 . 8  ma/cm^ for cupric ion.
+3Effect of Fe Ion Concentration on the Rate of Reduction 
Since the reaction becomes diffusion-controlled, it is obvious 
that the current at which diffusion control begins should be 
a function of Fe + 3  concentration. Figure 27 shows this 
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. qEffect of Temperature on the Fe Reduction. As with
the copper reaction, the diffusion-controlled portion of 
these cathodic polarization curves (Figure 28) are affected 
by temperature. The activation energy calculated for this 
data also is in the range expected for a diffusion-controlled 
process (Figure 45).
Effect of Oxygen on the Rate of Hydrogen Reduction.
The reduction of hydrogen at a metal electrode is one of
(4 5 6  9)the most extensively studied cathode reactions ’ ’ ’
The steps in this reaction can all be rate-determining 
under certain conditions. The potential at which this 
reaction proceeds is a function of the metal cathode and of 
other complicating factors. Generally, the reaction 
mechanism is:
discharge
b) (H,0+),, + e - M-H + H„0
dehydration
c) M-H+M-H - H 2
The discharge overpotential arises from step b, which is 
essentially due to the work necessary to free the electroiv 
from the metal surface. Step c is usually the slow step, 





















Figure 45°. Activation Energy for Fe+^ Reduction at -500 mv
. 90
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2) combine, and 3) disengage from the surface.
Oxygen dissolved in the solution can speed up this 
slow step and depolarize the electrode. This depolarizing 
reaction is believed to be^5 :̂
4 (M-H) + 0 2 - 2H20 
The data presented in Figures 20, 30, and 31 show this 
depolarizing action.
In these figures, there is depolarization by oxygen at 
current densities lower than 1.0 ma/cm^ for all pH values. 
The flat portion of these curves shows where the depolariza­
tion becomes limited by the rate of diffusion of the oxygen 
to the electrode surface. Figure 36 shows the actual 
dependence of the rate (current density) as a function of 
oxygen partial pressure. This dependence is:
i = K(pn ) 2 . u2
The \ power indicates that the reaction probably occurs with 
molecular oxygen dissolved in solution. The rate constant 
at -700 mv is determined in Figure 32.
Effect of pH on Hydrogen Reduction. Again, from the 
data in Figures 29, 30, and 31, the pH dependence of the 
reaction rate can be determined. This dependence is shown 
in Figure 33. In the solutions containing oxygen, the rate 
of hydrogen liberation was independent of pH when the 














Figure 46: Determining the Dependence of Hydrogen





log i = log C  ̂ + 0.5 log Pq2
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Partial Pressure of Oxygen (atm)
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However, in oxygen-free solution the reaction is dependent 
on the pH. In Figure 33 the relation:
log i = log K - 2 pH
was established, or
i = K(H+ ) 2 .
Effect of Temperature on the Rate of Hydrogen Reduction. 
These data are presented in Figures 34, 35, and 36; all of the 
data have been referenced to a saturated calomel at 25^C 
(dashed lines). Figure 34 indicates that there is a rather 
high activation energy for hydrogen liberation in an oxygen- 
free solution. On the other hand, Figures 35 and 36 show 
that the reaction with oxygen depolarization has a very low 
activation energy. The data in these curves are not reliable 
enough to enable the calculation of the actual value of 
activation energy.
Kinetic Experiments
With the characteristics of both the anode and the 
cathode reactions known it is now a matter of using these 
data to describe cementation and to develop rate equations 
for the three reactions being considered. The predicted 
results are then checked with the kinetic tests.
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Development of the Rate Equations. The development of 
the rate equations depends upon the use of the anode and the 
cathode polarization curves to establish the current that 
will flow. The normal way to demonstrate this idea is 
through a diagram showing both polarization curves, as in 
Figure 4 7 ('2>5)^ Now, in a solution of 0.05M Cu+ ,̂ an iron 
sample will take on a potential determined by the following 
conditions:
Area i = Area i and E = E
anode anode cathode cathode anode cathode
If the anode and cathode areas were equal, the current
density that would flow and the potential would be given by
the intersection of the two curves or, in this case,
i = 8 . 2  ma/cm^ and a potential of -550 mv.
Then, using the data from Figures 23 and 42, the follow­
ing current relationship was derived:
i = 174 (CU+ 2 ) 1 
where i is ma/cm^ and Cu+^ is M, and the system conditions 
are: a temperature of 25^0, a 0.5M S0^= solution, and the 
electrode spinning at 2 0 0  rpm.
The development of the rate equation is as follows:
2 0 0  rpm
13.8 cm
450 ml














Figure 47: Rate of Copper Reduction by Iron Using Polariza­
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V d(Cu+£ )_ _ o - output 
dt
output (deposition) is given by Faraday's Law
I x t x M / w = ----------
zF
where
w = wt deposited (g)
I = amperes 
t = time (sec)
M; = g/mole
z = valance (eq/mole), and 
F = 96,500 coul./equiv.
output = w moles _ I
'tft sec zF
v d(Cu+2) _ _ I_ , 
dt zF
From experiments:
i = 174 (Cu+2) (milliamperes) 
I = iA = 174 A (Cu+2) x 10" 3  
A - cathode area cm 3
so V d(Cu+2) _ _ 174 A (Cu+2) x 10~ 3
dt zF
Then: d(Cu+2) . _ 174 x 10" 3  A dt
(Cu+2) zF V




t = 0, Cu+ 2  = CuJ2
9.02 x 10- 7  ^  tIn ----  = - 
Cu+ 2
0
where t is in seconds. A similar development is used for
of oxygen for a solution at 25°C, 0.5M SC>4 = , and using an 
electrode whose diameter is 1.35 cm spinning at 200 rpm.
The kinetic equations include the volume of the reaction 
cell and the area of the cathode surface. Also, different 
current relationships need be developed for different 
conditions such as temperature, electrode diameter, and 
spinning rate.
Copper Cementation. Using the equation developed
in the previous example and the conditions shown in Figure 
37, the rate equation becomes:
. othe Fe reduction and for H 2 liberation reactions using 
the current density relations:
i = 83 (Fe+ 3 ) 1
i = 0.524 (p0  ) 2  ,2
where is in ma/cm2 , Fe + 3  is molar, Pq^ the partial pressure
log Cu+ 2  __ = 9.69 x 10“® (t)
P 1 1 + 2 initial
where t is in seconds.
T-1068 104
This curve and the experimental curve are plotted 
in Figure 37. The experimental curve coincides well at the 
beginning of the experiment and then begins to deviate.
This deviation is believed t© result from the increase of 
cathodic area during cementation. At 225 minutes the entire 
covering of cement copper fell off the rotating iron 
electrode, producing a nearly parallel behavior to the 
predicted curve.
To substantiate this idea of the increasing cathode 
area, a look at the electrode potential is necessary. As 
the concentration of the copper decreased, the potential 
of the iron electrode would have decreased if the area of 
the anode and cathode remained constant. However, the 
potential of the electrode became more positive, suggesting 
increased anodic current density, which would accompany an 
increase in cathodic area. When the copper fell off the 
electrode, the potential became more negative due to a 
return to the slower cementation rate associated with less 
cathodic area.
Iron Reduction. The development of this rate
equation is the same as that for the Cu+^ test. The 
predicted curve shown in Figure 38 is the total Fe in 
solution, that is, all the ferric ion that was present at 
the beginning, plus that iron solution due to the reduction.
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The equation:
2Fe+ 3  + Fe S 3Fe+ 2
shows that for every two moles of ferric ion reduced, there 
is one additional mole of iron in solution.
Using the rate equation:
log Fe + 3  = - K (t) + Fetnltial ’ 
the total iron in solution is given by:
log Fe+X = jK(t) + log Fe"|"3  .
i n i t i a l
The data in Figure 38 shows excellent agreement with this 
predicted curve.
Hydrogen Reduction. From the iron anodic curves (Figure 
7) and the hydrogen liberation polarization curves (Figures 
29, 30, and 31), it is obvious that the controlling step in 
hydrogen reduction is oxygen diffusion. So the relation of:
i = 0.524 (p0  )i
for the current will be used to develop the rate equation. 
Again, a similar treatment as in the case of the copper is 
used. The measure of H+ concentration is accomplished by 
means of pH measurements, even though this is not the true 
concentration but the activity.
In Figure 39 are the two curves, experimental and that 
predicted by electrochemical measurements. The agreement 
in this case is not quite as close as in the twb previous
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experiments* This disagreement could be due to a number of 
reasons. The most obvious is that the electrode became 
covered by a large number of adhering bubbles which may 
have hindered the reaction.
Composite Experiment. In this experiment all three 
reactions were allowed to proceed simultaneously to see if 
they would interfere with each other.
The data for this experiment are given in Figure 40.
The features to notice here are: 1) the good agreement of 
the curves early in the experiment, and 2 ) the increased 
rate of all the processes. Increased rates of all reactions 
were probably due to the increased cathode area on the 
surface of the precipitated copper.
Figure 48 shows the composite experimental conditions 
at the beginning of the experiment. There are two conditions 
that must be satisfied with these curves. The first is
^anode ~ ^cathode ? 
since the two are metallic conductors in contact. Secondly,
the total currents must be equal:
^anode = ^cathode
^anode ^anode “ ^cathode ^ C u -1-2 + ■ * F e + 3  +  iH+^ *
The initial potential measured was -556 mv, which indicates



















Anode and Cathode Polarization Curves for the 
Composite Ceiftenffcation Experiment - Solution 
Contained 0.1M Fe+ , 0.01M C u + 2 ,  at 25°C and 
at pH 2.5.
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relations, the ratio of cathode area to anode area can be 
determined and is;
A cathode „ „
  =  1.6A anode
That is, the cathode area represents about 74% of the total 
area. However, due to the slope of the anodic polarization, 
curve and to the inaccuracy in potential measurements, there 
could be large errors in these values. Still, the agreement 
between the experimental curves and the predicted curves 
where the total geometric area was used, indicates that 
the cathodic area of the iron is a large percentage of the 
surface.
The potential of the electrode during the experiment 
became more positive, which would indicate an increase in 
the anode current density. This increase would accompany 
an increase in the cathode area (the cathode current density 
is limited by diffusion). These facts agree with the 
observed deviation of the experimental curves from the 
predicted curves for all the reactions which must be due 
to an increased cathode area.
At 250 minutes, one cani see that the reduction of all 
the reactants has proceeded twice as fast as predicted.
The item of interest here is that all of the reactions have 
been accelerated by the same amount. This would be expected,
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since the cathode area is common to all the reactions and, 
therefore, its increase should affect all of the reactions 
by the same amount.
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SUMMARY AND CONCLUSIONS
From the preceding work, a simple model of a cementation 
system can be drawn. Also, there are several conclusions 
that can be made about the system.
Model of Cementation
Cementation can be described as an electrically short- 
circuited galvanic cell (Figure 49). Current is limited by 
diffusion of the ions to the cathode.
The anode could become restricted; but, since it is 
capable of. increased current densities even with the limited 
diffusion of the Fe+^ ion from the surface, cementation will 
continue. In fact, the iron could polarize to the extent 
of about 0.6 v before the reaction would stop. The iron 
surfaces exposed by dissolution can become new sites for 
deposition or new anode sites. This undercutting can con­
sume all of the iron. Also, it has been observed that the 
anodic and cathodic areas migrate around the surface of 
iron during corrosion; in this way, the entire piece of 
iron can be consumed^).
110
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Conclusions From This Work
Since the electrode reactions have been extensively 
studied by others, no comments will be made on the polariza­
tion curves other than those which directly apply to a 
cementation system. The conclusions reached are:
1. The reactions involved are electrochemical in 
nature and the rate-controlling step is the diffusion of 
reactants to the cathode.
2. Copper and ferric ion reduction rates are first 
order with respect to the concentrations of reactants in 
solution. This is expected since the rates are diffusion- 
controlled and obey Pick’s Law.
3. The specific rate constant for the reduction of 
the cupric ion is about twice as large as that for the 
ferric ion reduction. This means that, at equal initial 
concentrations, the rate of copper reduction would be 
greater than the rate of Pe+3 reduction.
4. The hydrogen reduction rate is dependent on the 
amount of oxygen dissolved in solution within the potential; 
range of iron during cementation. The rate-determining step 
is the diffusion of oxygen to the cathode surface.
5. Since oxygen diffusion is the controlling step in 1 
the potential range of interest, the hydrogen reduction 
rate is independent of pH.
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6 . At cupric ion concentrations of 0.001 molar, the 
rate of copper reduction is equal to the rate of hydrogen 
reduction in an air-saturated solution.
7. pH has no effect on the rates of either the cupric; 
of the ferric reduction.
8 . Rates of the three reactions are independent of
the carbon content of the iron and steel used as a reductant.
9. Ferrous ion concentration would shift the iron 
potential but would have no effect on the rate of the 
reactions.
10. Agitation will increase the rate of the reactions 
but a limitois reached where further agitation will not 
cause an increased rate. An increase in agitation affects 
the rates of all the reactions similarly. For example; if 
agitation is increased to double the copper precipitation 
reaction rate, the ferric and hydrogen reduction reaction 
rates are doubled also.
11. A temperature increase will produce the same 
increase in the rates of the copper and the ferric ion
reductions. The rates of the reactions are given by:
• /r. -AG/RT .l/F = Ke ;
so the effect of temperature is exponential,
12. In a system where the three reactions proceed 
simultaneously, the rates of reaction are independent of
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each other and proportional to the total cathodic area. 
Observations
There are several general observations that may be 
made about this system. First, a number of investigators 
have indicated that with lower pH values better cementation 
results are obtained, but that iron consumption is increased. 
From the equilibrium diagrams, it is seen that at higher pH 
values there are several other reactions possible. For 
example, at pH 4 it would be possible for CU 2O to be pro­
duced by cementation as an intermediate product. Also, at 
pH values above 1.5, there is the possibility of forming an 
iron oxide (Fe^O^) on the anode, which if it adhered to the 
anode surface would hinder the reaction rate. There would, 
of course, be the problem of Fe(OH) 3 precipitation at these 
higher pH values. Increased iron consumption at low pH values 
would occur only if there were an excess of solution retention 
time in the system. The cementation reaction would maintain 
the iron-electrode potential at a level where the rate would 
be independent of pH. After cementation was completed, or 
had slowed considerably, the anode potential would become 
more negative; therefore, increased corrosion is possible 
due to a higher acid concentration in the solution.
The ratio of the iron consumed by the copper precipita­
tion to that consumed by the other reactions can be
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increased: 1 ) by excluding oxygen and 2 ) by increasing the 
Cu+ 2 /Fe3 concentration ratio in the solution.
Oxygen may be excluded by covering the system, injecting 
the solution beneath the surface, and using a deeper launder 
with less surface area.
The ratio of Cu+2 /Fe+ 3  is probably the more important 
factor which effects the relative rates of the two iron 
consuming reactions. Besides increasing this ratio in the 
feed solution, it might be advantageous to shorten the time 
of contact with the iron, in order to eliminate the situation 
where there is little copper remaining in solution with a 
considerable amount of Fe+3.
Suggestions for Further Work
There are several factors involved in the process of 
cementation about which more information would be useful. 
First, there should be a study of the effect of impurities 
in the solutions which could alter either the anodic or the 
cathodic reactions. Second, it has been observed that there 
can be an initial coating of copper over the iron surface 
which appears to completely stop the reaction. The feature 
which could cause and prevent this phenomena should be 
investigated.
Of great practical interest is the particle size of 
the copper precipitate produced; the larger the particle
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size, the easier it would be to dewater the product. A 
study of the factors which affect the product size would be 
an extention of this i n v e s t i g a t i o n  since the rate of 
deposition is believed to affect the particle size.
Also, using methods similar to those employed in this 
study, other replacement reactions can be examined in detail. 
Examples would be the precipitation of gold by zinc, or tjhe 
possibility of selenium recovery using copper as the reductant.
T-1068
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CALCULATION OF THE Cu-H2Q POTENTIAL-pH DIAGRAM




Cu xl 0 . 0
Cu+ aq 1 2 . 0




h 2o liq -56.69
Only the acid portion of the diagram will be constructed 
since cementation is carried out in an acidic solution, 
a complete diagram see "Thermodynamics of Dilute Aqueous 
Solutions ".





AG = 0 at equilibrium,
En^AG^ = 0
EUji A(?i - meFE = 0
where me FE is the, electrical work when me equivalents react.
I± = If + RT In a±
Enj 5? + RT T.n* In a, - iruFE = 0i i j i l e
The equations considered and the potential-pH relation­
ships at 25mQ are:
1. Cu+ 2  + e" - Cu+
E = -0.153 + 0.059 log Cu+/Cu+ 2
2. Cu+ 2  + 2e" - Cu
E = -0.337 - 0.030 log Cu+ 2
3. CuO + 2H+ -> Cu+ 2  + HaO
pH = 3 . 9 5 - 0 . 5  log Cu+ 2
4. 2Cu+ 2  + H 20 + 2e- - C u ^  + 2H+
E - 0.203 - 0.0591 pH - 0.0591 log Cu+ 2
5. Cu20 + 2H+ + 2e~ = 2Gu + HgO
E = 0.338 - 0.030 log Cu+ 2
6 . 2Cu0 + 2H+ + 2 e~ = Cu20 + H20
E = -0.670 + 0.059 pH
7. 2 H ^ 0  = 0 2 + 4H+ + 4e-
E = -1,229 + 0.059 pH + 0,015 log p@ 2
8 . 2H+ + 2e- = H 2
E = 0.059 pH + 0.0295 log Pjj2
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APPENDIX II
CALCULATION OF THE Fe-H2Q POTENTIAL-pH DIAGRAM
The thermodynamic data used are as follows :
Species State G°
________   (kcal/mole)
Fe xl 0 . 0
Fe + 2 aq -20.3
Fe+ 3 aq -2.53
Fe2°3 xl -177.1
Fe 0 3 4 xl -242.4
Fe(0H) + 2 aq -55.91
Fe (OH) g aq -106.2
Fe (OH) xl -166.0
H+ aq 0 . 0
HaO liq -56.69
The calculations are conducted like those for the 
copper system. The equations involved and the pH-potential 
relations at 25°C are:
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Fe+ 3  + e~ = Fe + 2
+2E = -0.770 + 0.059 log — —
Fe + 3
Fe(OH) + 2  + H+ = Fe + 3  + H90 




Fe(OH) 3  + H+ = Fe(OH)* + HgO
2
a. 3nr+ = TT e + 3  j_ rtw_n
pH = -1.35 - log Fe(OH)+ 
4. Fe(OH)„ + 3H+ = Fe + 3  + 3H20
pH = +1.62 - 0.333 log Fe+ 3
5. Fe(OH) 3 + 2H+ = Fe(OH) + 2  + 2H20
pH = 1.207 - 0.5 log Fe(OB) + 2
6 . Fe+ 2  + 2 e ~  = Fe
E = 0.439 - 0.030 log Fe+ 2
7. Fe 3 0 4  + 8 H+ + 2e" = 3Fe+ 2  + 4H20
E = -0.765 + 0.0886 log Fe + 2  + 0.236 pH
8 . 3Fe(OH)„ + H+ + e" = Fe 30 4  + 5H20
E = -1.209 + 0.0591 pH
9. 3Fe+ 3  + 4H20 + e“ - Fe 3 04  + 8 H+
E = -0.349 - 0.473 pH - 0.177 log Fe + 3
10. Fe 3 0 4  + 8 H+ + 8 e- = 3Fe + 4H20










Electrolytic Tough Pitch Copper ASTM 
No, B187, No. 12. (99.9+% Cu).
Ferrovac E, (Analysis by Crucible Steel) 
%C 0.007, %Mn 0.001, %P 0.002, %S 0.006, 
%Si 0.01, %Ni 0.05, %Cr 0.01, %V 0.004,
%0 0.023, %Sn 0.005, %A1 0.003, %Co 0.005, 
%Cu 0.01.
0.8B (Analysis, CSM) %C 0.81, %Mn 0.76 
%P 0.015, %S 0.032, %Si 0.21.
(Analysis, CSM) %C 1.05, %Mn 0.35, %S 0.2.
(Analysis, CSM) %T.C. 2.8, %GC. 2.3,





Three of the quantities measured were subject to 
experimental error. These were the electrode potential, the 
electrode area, and the current.
The area of the electrode was determined by measuring 
the diameter and length of the unmasked portion. The 
diameter was measured with a micrometer and was accurate to 
-0.001 cm. The length was measured with a fine-ruled metal 
centimeter scale; this measurement was accurate to - 0 . 0 2  cm. 
Therefore, the area of the electrode was determined with an 
error no greater than -0 . 1  cm^.
The potential measurements were made with a Beckman 
Model G pH meter. With this meter, it is possible to obtain 
potential readings accurate to -1 mv. However, the system 
measured in this investigation produced greater error.
When the polarization of the electrode being measured was 
due t© activation energy, the error was -5 m v . Concentration 
polarization produced larger errors of approximately 30 mv.
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Due to the slope of the polarization curve in these concen­
tration polarization regions, this error is not very 
significant.
The ammeter used to measure the current was calibrated 
to 0.5% of the full scale reading. The milliamp scales 
available made it possible to keep the percentage of error 
smallo The scales used were 0-15 and 0-150 milliamperes.
All readings below 15 milliamperes were made in the 0-15 
scale, where the accuracy was ^0.1 milliamperes. Above 
15 milliamperes the larger scale was used, and the error 
in these cases was ±0.5 milliamperes.
The important quantity plotted was current density 
(ma/cm^), which was obtained from two measured quantities —  
area of the electrode and current —  both of which contain 
possible error. An example isi needed to indicate the error 
expected in the values of current density. If the measured
■ oarea was 13.5 - 0.1 cm and the two current readings were 
10.0 - 0.1 ma and 100.0 - 0.5 ma, the current densities 
are 0.74 - 0.01 ma/cm^ at 10 ma and 7.40- 0.01 ma/cm^ at 
100 m a . This error of ± 0.01 ma/cm^ is that expected but 
larger errors were sometimes observed. The actual value 
of the error in current density was often ±0.05 ma/cm^.
This could be due to allowing insufficient time for the 





The experimental data are tabulated here by reference 
to the figures in which they appear* All potentials are 
referenced to a saturated calomel at the temperature at 
which the experiment was conducted.
Figure 6
T 23? FoVoEo electrode, 12.09 cm^, 
pH 3 o 5, 25°C, 0.5M S04= , 
electrode 14.7 mm from measured 
electrode surface.
100 rpm   200 rpm_____ 300 rpm
mv ma ma/cm^ mv ma ma/cm^ mv ma ma/cm^
-640 0 . 8 0*07 -648 0.7 0.06 -649 1 . 1 0.09
-628 2.5 0 . 2 1 -610 5.9 0.49 -609 7.2 0.59
-610 5.6 0*46 -599 9.8 0.78 -599 ! 10.9 0.90
-610 6 . 8 0.56 -579 15.2 1.26 -581 15.7 1.30
-602 7.7 0.64 -574 17.8 1.47 -567 21.5 1.78
-590 1 0 . 1 0.84 -566 2 1 . 8 h* e 00 o -599 24.9 2.06
-592 1 1 . 8 0.98 -560 25.2 2.08 -549 28.4 2.35
-582 14.8 1 . 2 2 -555 27.4 2.27
127
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Figure 6 - continued
_100 rpm___________   200 rpm _____ 300 rpm
mv ma ma/cm^ mv ma ma/cm^ mv ma ma/cm
-579 15.4 1.27 601 9.2 0.76
-572 18.2 1.50 583 14.6 1 . 2 1
-566 20.7 1 . 6 6 572 17.9 1.48
-565 2 1 . 8 1.80 562 2 1 . 8 1.80
-552 25.8 2.13 552 26.2 2.17
-549 29.4 2.43 541 30.1 2.49
T 61 : F.V.E. electrode, 13.38 cm2 pH 3.5,
25°C, 0.5M SO^- , electrode 0.5 mm 
from measured electrode surface




-610 13.5 1 . 0 0
-608 19. 2 1.43
-603 28.2 2 . 1 1
-601 40.5 3.03
-595 63.0 4.71
-589 97.0 7. 25
-580 1 2 0 . 0 8.96
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Figure 7
T 60: F.V.E. electrode, 13.20 cm^, pH 3.5,
25°C, 0.5M S04=
______2 0 0  rpm ____
Pmv ma ma/cm
-638 2 . 2 0.17
-626 6.3 0.48
-620 12.5 0.95
-617 2 0 . 2 1.53
-611 29.0 2.19
T 61: see data for Figure 6
T 65; F.V.E. electrode, 13.83 cm^, pH 2.0, 
25°C, 0.5M S04=
______2 0 0  rpm______
mv ma ma/cm










Figure 7 - continued
T 90: F.V.E* electrode, 13.50 cm^,
25°C, 0.5M S04=
2 0 0  rpm
T 91
mv ma ma/cm








-558 1 0 0 . 0 7.41
-553 115.0 8.52
E. electrode, 12.3^ 
:, 0 .5M so4=













Figure 7 - continued
T 92: F.V.E. electrode, 12.49 cm2, pH 1.5,
25°C, 0.5M S04=
_______2 0 0  rpm
mv ma ma/cm^









T 63: ”C" electrode, 12.63 cm2 , pH 3.5,
25®C, 0.5M S04=










-561 1 2 0 . 0 9.50
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Figure 9 - continued
T 67: "G" electrode, 12.68 cm^, pH 2.0,
25°C, 0.5M S04=
2 0 0  rpm
mv ma ma/cm'








-531 84.5 6 . 6 6
-526 95.5 7.53
T 941 "C" electrode, 12.80 cm^, pH 1.5,
25°C, 0.5M S04=












T 64: CRE electrode, 13.83 cm2 , pH 3.5,
25°C, 0.5M S04=









T 6 8 : CRE electrode, 11.88 cm2 , pH 2.0,
25°C, 0.5M S04=













Figure 10 - continued
T 95: CRE electrode, 13.08 cm2, pH 1*5,
25°C, 0.5M S04:=











T 69: Cl electrode, 12.71 cm^, pH 2.0,
25°C, 0.5M S04= ;
_______2 0 0  rpm______
mv ma ma/cm2




-555 24.4 l o0 '̂i
-538 41.0 3,23
-531 59.0 4 .64
-528 8 8 . 0 6.93
-518 117,0 9.20
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Figure 11 - continued
T 96: Cl electrode, 12.98 cm2, pH 1.5,
25°C, 0.5M S04==
  2 0 0  rpm______
mv ma ma/cm2
-543 6 . 6 0. 51
-536 13.0 1 . 0 0




-510 8 8 . 0 6.78
-503 123.0 9.48
Figure 14 T 90s see data for Figure 7
T 97: F.V.E. electrode^ 12.30 cm2 , pH 2.5,
40.9°C, 0.5M S0 4 - , saturated calomel 
at 40.9^C









-592 75,0 6 / 1 0
-589 98.0 7.97
-588 109.0 8 . 8 6
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Figure 14 - continued
T 98: F.V.E. electrode, 12.45 cm2 , pH 2.5,
54«.9°C, 0.5M S04=
2 0 0  rpm
mv ma ma/cm2
-638 2 . 0 0.16
-636 6 .2 0.50
-631 13.5 1.08
-626 53.0 4 • 26
-638 7.2 0.58





-620 82.0 6  • 59
-618 98.0 7.87
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Figure 15 T 90s see data for Figure 7
T 100: F.V.E. electrode, 12.70 cm^, pH 2.5,
25?C, 0.5M S04= , 0.05M F e ^
100 rpm______   200 rpm______   300 rpm
mv ma ma/cm^ mv ma ma/cm^ mv ma ma/cm^
-611 1 , 2 0.09. -582 1 . 2 0.09 -599 2.4 0.19
-579 9.4 0.74 -572 9.4 0.74 -576 9.0 0.71
-569 19.4 1.54 -570 18.1 1.42 -570 18.4 1.45
-565 33.5 2.64 -568 32.0 2^52 -567 36.0 2.84
-561 57.0 4.49 -567 52.0 4.09 -562 66.5 5.24
-509 108.0 8.50 -563 85.0 6.69 -510 110.0 8  . 6 6
-561 1 1 1 . 0 8.74
-579 9.1 0.72








0 0  rpm
0.025M Fe+^
mv ma ma/cm2
-605 1 . 0 0.08







-572 1 1 0 . 0 8 .95
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Figure 15 - continued
T 107: F.V.E. electrode, 12.31 cm2, pH 2*5,
25°C, 0.5M S04=, 0.1M Fe+2
mv ma ma/cm^
-589 1 . 2 0 . 1 0
-579 9.0 0.74
-574 1 8 . 8 1.53
-571 35.0 2.84
-569 65.0 5.28
-567 1 1 0 . 0 8 .94
-589 9.6 0.78
-579 2 0 . 6 1.67
-573 18.9 1.54
-570 6 8 . 0 5.52
-567 109.0 8.85
Figure 16
T 102: F.V.E, electrode, 12.27 cm^, pH 1.5,
25°C, 0.5M S04=, 0.1M Fe + 2
_______200 rpm  300 rpm______
mv ma ma/cra2  mv ma ma/cm2
-543 9.3 0.76 -541 9.7 0.79
-538 16.6 1.35 -531 23.0 1.87
-531 35.0 2.85 -528 38.5 3.14
-528 59.0 00 -522 65.0 5.30
-521 109.0 8 . 8 8 -517 116.0 9.45
-547 8.9 0.72
-536 2 2 . 1 1.80
-530 37.5 3.06
-523 69.0 5.62
-520 1 1 0 . 0 00
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T 103: F.V.E. electrode, 12.85 cm2, pH 1.5,
25°C, 0.5M S04=, 0.05M Fe+2
 2 0 0  rpm______
mv ma ma/cm'






-551 8 . 1 0.63
-536 21.5 1.67
-531 37.0 2 . 8 8
-527 73.0 5.68
-520 109.0 8  . 48
T 104: F.V.E. electrode, 13.10, pH 1.5,
25°C, 0.5M S04=, 0.025M Fe + 2
2 0 0  rpm 300 rpm
mv ma ma/cm^ mv ma ma/cm'
-532 5.0 0.38 -562 1 . 2 0.09
-530 9.8 0.75 -537 9.6 0.73
-528 19.4 1.48 -530 2 1 . 1 1.61
-525 35.5 2.71 -528 36.6 2.79
-521 57.0 4.35 -523 63.0 4.81
-519 98.0 7.48 -520 99.0 7.56
-518 1 1 0 . 0 8.40 -518 113.0 8.63
-549 5,8 0.44
-539 9.8 0.75
-530 2 1 , 6 1.65
-528 34.3 2.62
-522 65.0 4.96
-518 1 1 2 . 0 8.55
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Figure 17
T 108: F.V„E. electrode, 12.38 cm2, pH 2.5
25°C, 0.5M S04“ , ChlM Fe + 3
200 rpm
mv ma ma/cm





T 109: FSV»E„ electrode, 12,95 cm2 pH 2.5,
25°G, 0.5M S04= 0.05M Fe + 3
100 rpm 200 rpm 300 rpm
mv ma oma/cm mv gaa ■ . mv ma ma/cm
-561 9.2 0.71 -551 8,5
v.<
0.60 -555 8.9 0.69
-560 2 2 . 0 1.70 -553 20.5 1.54 -554 21.5 1 , 6 6
-560 38.0 2.93 -553 38.2 2.95 -552 38.0 2.93
-559 67.0 5.17 -5S6 06.0 5.10 -550 75.3 5.83





- 551 10$. 0 8.34
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Figure 17 - continued
T 110: F.V.E. electrode, 12.25 cm2 , pH 2.5,
250C, 0.5M S04= , 0.025M Fe+3
_______100 rpm___________  200 rpm__   300 rpm
mv ma ma/cm3 mv ma ma/cm3 mv ma ma/cm3
-590 8.4 0.69 -582 8.4 0.69 -581 9.2 0.75
-581 2 0 . 6 1 . 6 8 -578 2 1 . 6 1.76 -579 19.6 1.60
-576 oo 3.26 -577 36.0 2.94 -576 35.0 2.85
-571 73.0 5.96 -574 57.0 4.65 -571 60.0 4.90




6 . 8 6
8.48
-568 1 0 0 . 0 8.16
Figure 18
T 111 : F.V. 
25°C
S. electrode, 
, 0.5M S04= ,
12.33 cm 
0.1M Fe+3
2 , pH 1.5,
1 0 0  rpm 2 0 0  rpm 300 rpm
mv ma ma/cm2 mv ma ma/em2 mv ma ma/cm3
-496 18.9 1.53 -491 8.4 0 . 6 8 -487 9.4 0.76
-498 32.5 2.64 -491 20.5 1 . 6 6 -484 19.9 1.61
-495 6 8 . 0 5.52 -490 35.5 2 . 8 8 -482 37.0 3.00
-492 108.0 8.76 -489 61.0 4.95 -481 6 6 . 0 5.35
-488 109.0 8.84 -482 1 1 0 . 0 8.92
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Figure 18 - continued
T 112; F.V.E. electrode, 12.36 cm^, pH 1.5, 
25°C, 0.5M S04= . 0.05M Fe
_______100 rpm   200 rpm____   300 rpm
::mv ma ma/cm^ mv ma ma/cm^ mv ma ma/cm-
-511 8 . 2 0 . 6 6 -510 9.2 0.74 -499 9.8 0.79
-505 21.5 1.74 -507 21.4 1.73 -497 20.5 1 . 6 6
-501 35.5 2.87 -501 35.5 2.87 -496 37.5 3.03
-499 6 8 . 0 5.50 -499 67.0 5.42 -492 67.5 5.46
-496 114.0 9.22 -492 118.0 9.55 -491 116.0 9.38
T 113 : F.V. E. electrode, 13.38 cm PH 1.5,25°C) 0.5M S04=, 0.025M Fe +3
1 0 0  rpm 2 0 0  rpm 300 rpm
mv ma ma/cm2 mv ma ma/cm^ mv ma ma/cm;
-531 9.1 0.70 -531 8.9 0 . 6 6 -528 9.3 0.70
-526 2 0 . 6 1.54 -528 20.5 1.53 -522 2 0 . 8 1.55
-520 35.5 2.65 -522 34.8 2.60 -520 37.0 2.76
-516 56.0 4.18 -520 61.0 4.93 -516 62.0 4.63
-509 117.0 8.74 -511 118.0 8.82 -509 118.0 8.82
-533 9.2 0.69
-528 2 0 . 6 1.54





T 21: Copper electrode, 12.58 cm^, pH 2*0,
25°C, 0.5M S04~, 0.01M Cii+ 2
 2 0 0  rpm
mv ma ma/cm
+ 1 0 1 . 2 0 . 1 0
- 5 6 . 0 0.48
- 2 2 1 2 . 6 1 . 0 0
- 32 15.1 1 . 2 0
- 51 17.4 1.38
i 83 19.5 1.55
-181 22.4 1*78
-704 23.4 1 * 8 6
- 7 8.7 0.69
- 26 13.4 1.06
- 41 16.4 1.30
- 56 17.6 1.40
- 6 8 18.5 1.47
- 82 19.5 1.55
-149 21.4 1.70




Figure 19 - continued
T 221 Copper electrode, 11.71 cmj? pH 3.5, 
25°C, 0.5M S04= , 0.01M Cu+ 2
_______2 0 0  rpm
mv ma ma/cm
+ 2 0 . 6 0,05
- 17 4.3 0.37
- 29 6.9 0.59
- 40 9.1 0.78
- 58 11.4 0.97









- 47 10.4 0.89
- 69 14.1 1 . 2 0







Figure 19 - continued
T 27: Copper electrode, 12.53 cm2 . pH 3.5,
25°C, 0,5M S04=, 0.005M Cu+ 2
2 0 0  rpm
mv ma ma/cm
- 6 0 * 1 o.oi
- 2 1 1.9 0.15
- 39 5.9 0.47
- 59 8 , 0 0.64
- 1 0 2 10.4 0.83
-182 1 2 . 6 1 * 0 0
-582 13.6 1.08
- 1 1 0 . 6 inO©
- 33 4.9 0.39
- 49 6.9 0.55
- 91 1 0 . 1 0.81
-199 12.4 0.99
-501 13.9 1 . 1 1
-862 15.4 1.23
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Figure 19 - continued
T 28: Copper electrode, 11.21 cm^ pH 5.0,
25q C, 0.5M S04=, 0.005M Cu
 2 0 0  rpm
mv ma ma/cm
- 13 1 . 2 0 . 1 1
- 32 3.5 0.31
- 51 6.5 0.58
- 8 8 9.3 0.83
- 1 0 1 1 0 . 0 0.89
-168 1 0 . 6 0,94
-624 1 1 . 6 1.03
- 18 1 . 6 0.14
- 38 4.9 0.44
- 53 6.7 0.60
- 70 8.4 0.75
-130 1 0 . 6 0.94
-250 10.9 0.97
-587 1 1 . 6 1.03
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Figure 20
T 22: Copper electrode pH 3.5, 25°C, 0.5M
S0 4 = , 0.01 M Cu+ 2  (see data for 
Figure 19 for 200 rpm)
100 rpm (11.71cm2) 300 rpm (12.58cm2)
mv ma ma/cm2 mv ma ma/cm^
- 3 0.4 0.03 - 2 5.1 0.40
- 29 2 . 6 0 . 2 2 - 2 1 11.7 0.93
- 37 3.9 0.33 - 37 16.8 1.34
- 48 5.3 0.45 - 49 18.4 1.46
- 72 6.7 0.57 - 76 2 2 . 1 1.76
- 83 8 . 2 0,70 - 1 0 1 24.4 1.94
- 8 8 8.3 0.71 -163 27.0 2.15
-162 1 0 . 6 0.90 -246 29.1 2.31
-187 1 1 . 1 0.95 -762 30.8 2.45
-237 12.4 1.06 - 1 2 1 0 . 0 0.79
- 2 0 5.1 0.44 - 28 13.5 1.07
- 37 7.4 0.63 - 42 17.4 1.38
- 52 8.9 0.76 - 6 8 2 1 . 2 1 . 6 8
- 82 11.3 0.96 - 1 0 1 24.5 1.95
-140 1 2 . 8 1.09 -147 27.2 2.16
- 2 2 1 13.9 1.19 -338 30.8 2.45
-338 14.7 1.26 -793 32.2 2.56
-687 14.9 1.27
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Figure 20 - continued
T 27; Copper electrode, 12.5^3 cm2 . pH 3.5, 
25°C, 0.5M S04=, 0.005M Cu (see 
Figure 19 for 200 rpm data).
100 rpm (ll.Tlcm^) 300 rpm(12.58 cm2)
mv ma . ma/cm^ mv ma ma/cm
- 13 1.4 0 . 1 1 - 9 0 . 6 0.05
- 26 2.9 0.23 - 59 8.9 0.71
- 55 6 . 2 0.49 - 72 1 0 . 1 0.81
- 1 0 2 7.9 0.63 - 1 1 1 1 2 . 6 1 . 0 0
-167 8.5 0 . 6 8 -178 14.9 1.19
-600 10.3 0.82 -305 16.6 1.32
- 8 0.4 0.03 -836 19.2 1.53
- 2 2 3.2 0.26 - 8 0.4 0.03
- 39 4.9 0.39 - 25 3.5 0.28
- 49 6 . 1 0.49 - 42 6.7 0.53
- 91 7.8 0.56 - 72 1 0 . 8 0 . 8 6
-148 8 . 2 0.65 -108 12.7 1 . 0 1
-569 9.4 0.75 -160 14.4 1.15
-556 17.6 1.40
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Figure 20 - continued
T 121: Copper electrode, 13.10 cm^
25°C, 0.5M S04=, 0,005M Cu+
 500 rpm_____
mv ma ma/cm1
- 50 3.6 0.28
- 58 7.8 0.60
- 69 11.3 0 . 8 6
-,124 17.0 1.30
-176 19.4 1.48
-252 2 1 . 2 1.62
-556 22.9 1.75
-760 23.9 1.82
T 122: Copper electrode, 13.10 cm^
25°C, 0.5M S04=, 0.005M Cu+
 700 rpm
mv ma ma/cm^
- 41 4.0 0.30
- 48 9.0 0.69
- 62 18.1 1.38
- 76 21.9 1.57
- 1 1 0 23.9 1.62







T 22: see data for Figure 19
T 27: see data for Figure 19
T 29: Copper electrode, 10.57 cm^,
25°C, 0.5M S04= , 0.05M Cu+2;
_____ 2 0 0  rpm______
mv ma ma /cm
- 14 4 o 8 0 .45
- 1 1 9 .7 0 .92
- 39 16 .9 1 .60
- 6 8 23 . 8 2 .25
- 92 29 .9 2 .83
-123 37 . 2 3 .52
-156 44 . 8 4 .24
-209 52 .5 4 .97
-287 63 .5 6 . 0 1
-420 77 .5 7 .33
-529 87 .5 8 .28
- 8 8 .3 0 00
- 52 2 0 .7 1 .96
-157 44 . 0 4 .16
-218 53 .5 5 .06
-329 69 . 0 6 .53
-445 83 .5 7 .90
- 55 89 . 0 8 .42
pH 3.5,
T-1068 151
Figure 22 - continued
T 32; Copper electrode, 11,94 cm^, pH 3.5 
25°C, 0.5M S04=, 0.025M Cu+ 2
_____ 2 0 0  rpm______
mv ma ma/cm2
- 3 4.3 0.36
- 27 8.7 COeo
47 13.4 1 . 1 2
- 59 17.0 1.42
- 83 26.9 2.25
-114 29.2 2.45








Figure 22 - continued
T 33: Copper electrode, 13.01 cm2 , pH 3.5,
25°C, 0.5M S04=, 0.5M Cu+ 2
2 0 0  rpm
mv ma ma/cm2
- 32 3.8 0.29
- 48 8.4 0.65
- 6 6 1 1 . 6 0.89
- 99 17.4 1.34
-126 2 1 . 2 1.63
-160 24.8 1.91
-260 31.0 2.38




Figure 24 T22° see data for Figures 19 and 20
T 34: Copper electrode, 12.36 cm^, pH 3.5,
39.30C. 0.5M S0„ = , 0.01M Cu+ 2
1 0 0  rpm
mv ma m a / e m 2
- 23 6 . 4 0 . 5 2
- 4 9 1 1 . 3 0 . 9 1
- 6 5 1 5 . 0 1 . 2 1
- 8 7 0 2 2 . 2 00 O
- 2 5 6 . 3 0 . 5 1
- 4 1 1 1 . 2 0 . 9 1
- 7 8 1 6 . 6 COr—H
- 9 1 1 7 . 6 1 . 4 2
- 1 6 1 H 00 1 . 4 9
- 6 5 0 1 9 . 5 1 . 5 8
2 0 0  rpm
mv ma ma/em2
- 31 8.4 0 . 6 8
- 53 14.9 1 . 2 1
- 80 20.7 1 . 6 8




- 1 0 3.1 0.25
- 49 14.0 1.13
- 59 15.7 1.27
- 75 20.3 1 * 64







- 2 1 6.4 0.52
- 41 13.9 1 . 1 2
- 77 2 1 . 8 1.76
- 1 1 1 30.3 2.45




Figure 24 - continued
T 35: Gopper electrode_ $£'.91 cm^, pH 3.5,
53.5°C 0.5M S04==, 0.01M Cu+ 2
100 rpm ____ 200 rpm 300 rpm
mv ma ma/em^ mv ma ma/cm^ mv ma ma/em^
- 19 8.4 0.70 - 1 1 5.2 0.44 - 17 1 0 . 1 0.85
- 52 19.9 1.67 - 42 13.4 1 . 1 2 - 40 19.9 1.67
- 8 6 26.1 2.19 - 56 17.4 1.46 - 70 29.8 2.50
-117 30.1 2.53 - 80 23.4 1.96 - 1 0 1 42.0 3.53
-700 33.4 2.80 - 1 1 1 31.9 2 . 6 8 -130 49.5 4.16
-129 36.3 3.05 -160 55.0 4.62
-178 42.8 3.59 -230 59.5 5.00
-585 45.1 3.79 -750 62.0 5.21
<  1 2 6.9 0.58
- 30 14.1 1.18
- 51 2 2 . 2 1 . 8 6
- 8 8 32.6 2.74
- 1 1 0 36.8 3.09





T 128: Copper electrode, 12,75 cm2 pH 1.5,.
25°CJ 0.5M S O ^  0.05M Fe
100 rpm 200 rpm 300 rpm
mv ma ma/em2 mv ma ma/em2 mv ma ma/cm2
+ 9 9,3 0.73 + 2 0 5.8 0.46 + 18 9.9 0.78
0 22.4 1.76 + 19 9.2 0.72 + 9 24.9 1.95
- 27 33.5 2.63 + 13 23.2 1.82 0 39.0 3.06
-758 37 . 8 2.97 - 6 35.6 2.79 - 3 47.0 3.67
- 39 44.0 3.45 - 15 52.0 4.08
- 92 50.0 3.92 - 2 1 56.0 4.39






t  :129: Copper electrode, 12.59 
25°C, 0.5M;S04= ; 0.01M
cm2 ,Fe+3 pH 1.5 f
1 0 0  rpm 2 0 0  rpm 300 rpm
mv ma
— .. t
ma/6 m 2 mv ma ma/cm^ mv ma ma/cm2
- 2 0 3.35 0.27 - 1 0 3.8 0.30 - 2 2 6.95 0.55
- 29 4.95 0.39 - 2 0 6 . 2 0.49 - 31 9.8 0.78
- 40 6 . 1 0.48 - 37 8 . 0 0.64 - 42 11.4 0.90
- 96 6 . 8 0.54 - 61 9,4 0.75 - 92 1 2 . 6 1 . 0 0








Figure 25 - continued
T 130: Copper electrode, 13.11 cm^, pH 2*5,
25°C, 0.5M S04= , 0.05M Fe+ 3
_______100 rptn_____  200 rpm____  ________300 rpm
mv ma ma/cm^ ma ma/cm3 mv ma ma/cm
+ 1 9.8 0.75 + 9 6.65 0.51 + 6 8.5 0.65
- 1 0 23 a 6 1.80 + 2 15.6 1.19 + 2 21.4 1.63
- 49 32.3 2.46 - 2 0 33.2 2 . 53 - * 39.0 2,78
-760 34*0 2.59 - 36 38,8 2.96 - 32 51.5 3.93
- 62 33.0 2.54 - 70 46.5 3.55 - 51 54.0 4.12
-821 53.5 4.08 - 79 58.5 4.46
- 9 34.9 2 . 6 6 -556 62.0 4.73
- 2 0 38.9 2.97 -762 63.5 4.84
- 31 42.0 3.20
- 39 45.0 3.43
- 85 48.5 3.70
-750 49.5 3.78
t  :131: Copper electrode, 12.94 
25°C, 0.5M S04= , 0.01M
cm^,
F e + 3
pH 2.5,
1 0 0  rpm 2 0 0  rpm 300 rpm
mv ma ma/cm2 mv ma ma/cm 2 mv ma ma/cnr
- 28 4.1 0.32 - 30 5.7 0.44 - 18 4.6 0.36
- 40 5.6 0.43 - 38 7.4 0.58 - 37 9.6 0.74
- 50 6.4 0.49 - 71 9.7 0.75 - 79 12.9 1 . 0 0
-292 7 . 0 0.54 - 91 9.4 0.73 -150 13.4 1.04
-770 7.8 0.60 -651
-760
10.7






T 89: Copper electrode, 12o29 cm2, pg 2.5,
25°C< 0.5ll S04“ , 0.05M Fe + 3
2 0 0  rpm
T 125
mv ma ma/cm^
+ 16 1 . 2 0 . 1 0
+ 1 2 5.6 0.46
+ 1 0 15.0 1 . 2 2
+ 8 2 1 . 0 1.71
- 7 31.0 2.52
- 31 42.5 3.46
-764 57.5 4.67
-801 6 8 . 0 5.53
3per electrode, 1 2 .( 
5C, 0.5M S04= , 0.1M
2 0 0  rpm
mv n*a ma/cm^
+ 1 0 9.3 0.73
+ 5 2 1 . 6 1.70
0 37.0 2.92
- 3 48.0 3.79
- 13 55 .0 4.30
- 16 64 . 0 5.05
- 41 74.0 5,84
- 70 80,0 6.31
-750 82.0 6.47
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Figure 26 - continued
T 128: see data for Figure 25
T 129: see data for Figure 25
T 130: see data for Figure 25
T 131: see data for Figure 25
Figure 28
T 130: see data for Figure 25
T 132: Copper electrode, 13.06 cm^, pH 2.5,
51.5°C, 0.5M SQ4=, 0.05M Fe + 3
1 0 0  rpm 2 0 0  rpm 300 rpm
mv ma ma/cm^ mv ma ma/crn^ mv ma ma/cm^
+ 1 0 8.4 0.64 + 8 6 . 0 0.46 + 4 2 3 0.18
0 31.0 2.37 + 7 12.5 0.96 + 3 16 4 1.26
- 1 0 51.0 3.90 + 1 26.5 2.03 + 4 35 0 2 . 6 8
- 30 61.5 4.71 - 5 44.0 3.37 + 1 70 5 5.40
-550 68.5 5.24 - 32 6 8 . 0 5.21 + 1 85 0 6.51
-162 82.5 6.32 - 2 94 0 7.20
-730 89.0 6.82 8 104 0 7.96
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Figure 28 - continued
T 133: Copper electrode 12.80 cm2 , pH 2.5,
41.5°C, 0.5M S04“ , Q.Q5S Fe * 3
100 rpm 200 rpm 300 rpm
mv ma ma/cm3 mv ma ma/cm2 mv ma ma/cm
- 1 1 1 . 8 0.92 + 1 1 9.0 0.70 + 2 9.0 0.70
- 15 36.0 2.81 + 7 23.6 1.84 + 2 24.5 1.91
- 42 52.5 4.10 0 40.5 3.16 - 3 69.0 5.39
-740 54.5 4.26 - 30 @4.5 5.04 - 49 83.5 6.52
- 60 73.5 5.74 -400 8 8  5 6.91
-300 76.5 5.97 -650 90.0 7.03
-690 78.5 6.13
Figure 29
T 135: Copper electrode, 12.5© ei2, pH 1.5,
25®C, 0 . 5M oxygea free eolation
1 0 0  rpm 2 0 0  rp 300 rpm
mf ma ma/cm2 mv ma ma/cm2 mv ma iBft/ea2
-679 0.7 0.06 -719 1,45 0 , 1 2 -678 0,7 0.06
-789 9.0 0.72 -776 5.85 0,47 -778 5,4 0.43
-821 19.6 1.57 -809 13,4 1.07 -829 22.5 1.80
-848 34.9 2.79 -827 2 1  e 1 1.69 -849 39.0 3.12
-857 42.0 3.36 -839 31,4 2.51 -889 65.5 5.24
-863 50.5 4,04 -856 47.5 3.80 -880 91.0 7.28
-872 66*5 5.32 -872 74.0 5,92 -896 1 2 2 . 0 9.78
-890 95.0 7.60 -SSI 9 1 0 7,28
-905 1 2 0 . 0 9.60 -894 1 2 1 . 0 9.68
-661 0 « 6 0.05
-756 3.4 0.27
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T 136? Copper electrode, 12.50 cm^, pH 1,5, 
25PC, 0.5M SO4 ” , air saturated solu­
tion
1 0 0  rpm 2 0 0  rpm 300 rpm
mv ma ma/cm^ mv ma ma/cm^ mv ma ma/cm^
-238 1 . 0 0.08 -218 0.92 0.07 -152 0.65 0.05
-569 1 . 8 0.14 -401 2.5 0 . 2 0 -409 3.5 0.28
-721 3.2 0.26 -638 4.2 0.34 -650 5.7 0.46
-769 6 i 0 0.48 -731 6 . 0 0.48 -739 7.6 0.60
-794 9.2 0.74 -768 8 . 0 0.64 -783 10.9 0.87
-829 2 0 . 0 1.60 -799 1 2 . 6 1 . 0 1 -801 13,9 1 . 1 1
-863 46.0 3 . 6 8 -822 2 1 . 1 1.69 -832 24.1 1.93
- 8 8 6 8 6 . 0 6.64 -850 40.0 3.20 - 8 6 6 47.0 3.76
-903 1 2 0 . 0 9.60 -873 77.0 6.16 -881 78.5 6.28
-894 1 2 0 . 0 9.60 -901 1 2 1 . 0 9.68
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Figure 29 - continued
T 137: Copper electrode, ^2.50 cm^, pH 1.5,
25QC, 0.5M so4=, oxygen saturated
100 rpm 200 rpm   300 rpm
mv ma ma/em2 .















- 76 1.05 0.08
-179 3.55 0.28
-261 6 . 0 0.48
-412 9.1 0.73
-748 1 2 . 0 0.96
-779 14.9 1.19




-896 1 2 0 . 0 9.60
mv ma ma/cm
- 59 1 . 2 0 . 1 0
-145 3.8 0.30
- 2 0 1 5.4 0.43








- 8 6 8 89.5 7.16
-889 1 2 0 . 0 9.60
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Figure 30
T 138: Copper electrode, 12.59 cm^, pH 2.5,
25®C, 0.5M oxygen free solution
1 0 0  rpm 2 0 0  rpm 3 Q0  rpm
ma mv , ma ma/cm^ mv ma ma/cm^
-759 0.7 0.06 - 757 0.28 0 . 0 2 - 796 1.9 0.15
-826 3.2 0.25 - 799 : 1 * 1 0.09 - 849 8.3 0 . 6 6
-844 5.6 0.44 - 839 2,4 0.23 - 860 12.4 0.98
-870 1 0 , 6 0.84 - 861 4.4 0.35 - 878 2 0 . 0 1.59
-898 19.1 1.52 - 874 6 . 2 0.49 - 892 27.8 2 . 2 1
-921 3 0 . 0 2.38 - 889 8 . 8 0.70 - 918 42t0 3.34
-957 14.5 3.30 - 898 10.7 0.85 - 951 73.0 5.80
~980 47.0 3.73 - 905 12.7 1 . 0 1 - 98 Si 98.5 7.82
-997 50.5 4.01 - 916 17.3 1.37 -1004 106*0 8  =42
- 923 2 1 . 6 1.72 - 1 0 2 0 111.0 8.82
- 944 32.0 2.54
- 951 39 . 8 3.16
- 971 50.0 3.97
' - fm 67.5 5.36
- 1 0 1 2 79.0 6.28
-1130 92.0 7.31
T-1068
Figure 30 - continued
T .141: Copper electrode, 12.59 cm^, pH 2.5,
25®C, 0.5M S0 4 = , air saturated solution
i o a x p m 2 0 0  rpm 300 rpm
mv ma ma/cm^ mv ma ma/cm^ mv ma ma/cm^
- 621 1 . 8 0.14 -289 1 . 0 0.08 - 790 3.7 0.29
- 820 4.1 0.33 -760 2 . 6 0 . 2 1 t 881 16.4 1.30
4 871 9.4 0o 75 -796 4.0 0,32 - 923 37.0 2.94
- 906 18.9 1.50 -831 7 . 1 0.56 - 964 62.0 4.92
- 932 30.0 2.38 -849 1 0 . 0 0.79 -1160 94.5 7.51
965 41.0 3.26 -885 20.5 1.63
-1014 52.5 4.17 -911 33.0 2.62
-1042 54.5 4.33 -949 49.5 3.93
T 144: Copper electrode 




cm^, pH 2.5, 
saturated
1 0 0  rpm 2 0 0  rpm 300 rpm
mv ma ma/cra^ mv ma ma/cm^ mv ma ma/cnr
- 250 3.3 0.26 - 260 1 . 8 0.14 - 286 5.8 0.46
- 816 8 . 8 0.71 - 432 3.8 0.30 - 799 12.3 0 .98
- 872 14.6 1.16 - 802 8  .4 0.67 - 911 33.1 2.63
- 921 26.5 2 . 1 0 - 8 6 0 16.9 1.34 - 953 53.0 4.21
-1006 41.0 3.26 - 919 38.3 3.04 -1016 75.5 6 . 0 0









T 140: Copper electrode, 12.68 cm^, pH 3.5,
2'5PC., 0 .5 M..SQ4 *8, oxygen free solution
100 r p m ________200 rpm 300 rpm
mv ma ma/cm2 mv ma ma/cm^ mv ma ma/em^
- 800 0.5 0.04 - 1 0 0 0 . 0 2 0 . 0 0 2 - 800 0.50
i
0.04
- 857 1 . 2 0.09 - 390 0.14 0 . 0 1 - 857 1 . 2 0.09
-t 879 1 . 8 0.14 - 761 0.28 0 . 0 2 - 879 1 . 8 0.14
- 892 2.3 0.18 -> 819 0„51 0.04 - 892 2.3 0.18
- 927 3.3 0.26 - 846 0.81 0.06 - 927 3.3 0.26
- 951 4.0 0.31 - 869 1 . 2 0 . 1 0 - 951 4.0 0.31
-; • v 4.6 0.37 - 902 2.4 0.19 - 995 4.6 0.37
-1070 5.0 0.40 - 930 3.7 0.29 -1070 5.0 0.40
9&;9. 6.4 0.50
-1238 8.4 0 , 6 6
T 143: Copper electrode, 12.68 em^, pH 3.5,
25®G, 0.5M SO^- , air saturated solution 
100 rpm 200 rpm 300 rpm
mv ma ma/cm^ mv ma ma/cm^ mv ma ma/cm^
— 239 0.9 0.07 - 1 2 1 0.3 0 . 0 2 - 94 0 . 2 0 . 0 2
-f'596 1 . 6 0.13 - 329 1.5 0 . 1 2 - 219 1 . 2 0 . 1 0
- 820 2.3 0.18 - 598 2 . 2 0.17 i 00 2 . 8 0 . 2 2
- 864 2.9 0.23 - 860 3.4 0.27 - 847 3.8 0,30
- 900 3.8 0.30 - 909 4.6 0.36 - 883 5.0 0.39
- 938 4.9 0.39 - 953 6.3 0.50 - 938 6 . 8 0.54
- 1 0 0 0 6.5 0.50 -1005 7.4 0.58 - 991 9.2 0.73
-1300 6 . 8 0.54 -1300 8 . 0 0.64 -1280 9,9 0.78
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.-.Figure 31 - continued
T 146: Copper electrode, 12,68 cm^, pH 3.5,
25^C, 0.5M S0 4 = , oxygen saturated
solution
100 rpm 200 rpm 300 rpm
mv ma ma/cm^ mv ma ma/cm2 mv ma ma/cm^
- 98 1,4 0 . 1 1 - . . '71 0 . 6 0.05 - 141 2 . 8 0 . 2 2
- 2 3 8 3.6 0 . 2 6 - 115 1.4 0 . 1 1 - 2 2 0 4.9 0.39
- 535 5.2 0.41 - 205 3.2 0 26 - 260 6 . 2 0.49
- 1 0 2 1 6 . 0 0.48 - 301 5.4 0.43 - 500 9.2 0.73
- 1 2 0 0 6 . 2 0.48 - 492 6 , 8 0.54 - 1 1 2 1 1 0 . 6 0.84
-1275 8 . 8 0.69
Figure 34 T 138: see data for ■Figure 30
T 147i Copper electrode, 12.52 cm 2 , pH 3.5,
39.5^C, 0.5M SO4 , oxygen free solution
300 rpm
mv ma ma/cm







Figure 34 - continued
T 154: Copper electrode, 12,55 cm2, pH 2»5,
53.0QC , 0. 5M S0 4 = , oxygen free solution
  3,00 rpm
mv ma ma/cm4
-711 1.8 0.14
-708 \ 4.7 0.37
-799 9.2 0.73
-834 2 1 . 2 1.69
-861 4.0 o 5 3.23
-882 72.0 5.74
-902 1 0 2 . 0 8.13
Figure 35 T 141: see data for Figure 30
T 148: Copper electrode± 12.52 cm2, pH 2.5,




-318 1.5 0 . 1 2
1089 2 . 8 0 . 2 2






Figure 35 - continued
T 155: Copper electrode^ 12.55 cm^, pH 2.5,
53.0°C, 0. 5M S0 4 ~ ,. air saturated
solution






-767 6 . 8  0.54




Figure 36 T 144: see data for Figure 30
T 149: Copper electrode, 12.52 cm^, pH 2.5,




- 71 .0 81 © © ©
-118 2 8 0 . 2 2
-155 4 1 0.33
-236 ,7 5 0 4-6.0
-305 9 4 0.76
-566 1 2 4 0.99
-722 14 4 1.15
-770 17 6 1.41
-799 2 2 3 1.78
-863 52 0 4.15
-911 1 2 0 0 9.58
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Figure 36 - continued
T 156: Copper electrode, 1 2 . 5 5  cm^, pH 2.5,




- 47 0 . 6 0.05
- 81 3 . 6 0.29
-179 8 . 0 0.64
-270 1 0 , 6 0.84
-510 12.4 0.99
-719 15,5 1.24




-890 1 1 2 . 0 8.92
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Figure 37
Copper Cementation Test: F.V.E. electrode,
11.15 cm2 , pH 3.5, 25<>C, 0.5M S04= , 0.01M 






0 0 . 1 0 0 -612
30 0.094 -622
70 0.091 -611





380 0.023 - 6 3 8
430 0 , 0 2 2 -637
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Figure 38
Iron Reduction Test: F.V.E. electrode, 12.60
cm2 , pH 2.5, 25°C, 0.5M S04=, 0.1M Fe+3 , 200




0 0 . 1 0 0
1 0 0 0.109
235 0.113




Hydrogen Reduction Test: F.V.E. electrode,
12.80 cm2 , pH 2.5, 25°C, 0.5M S04=, 200 rpm, 
. initial volume 450 ml
Time pH M H+ calc.
from pH with a 
(min.) unit activity coef.
0 2.54 2 . 8 8 X 1 0 - 3
15 2.54 2 . 8 8 X 1 0 “ 3
60 2.57 2.69 X 1 0 - 3
90 2.58 2.63 X 1 0 " 3
165 2.60 2.51 X 1 0 “ 3
205 2.65 2.24 X 1 0 “ 3
280 2.71 1.95 X 1 0 “ 3
325 2.70 2 . 0 X 1 0 “ 3
355 2.77 1.70 X 1 0 “ 3
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Figure 40
Composite.Reduction Test: -F.V.E. electrode,
13.30 cm2, pH 2.5, 25QC, 0.5M S04” , 0.01M 
Cu+2, 0.1M Fe+3 , air saturated solution, 200 










0 -566 2 o 56 0.00929 0.1145
1 0 -558 2.58 0.00890 0.1208
30 -561 2.595, 0.00852 0.1249
70 -560 2.61 0.00832 0.1278
130 -555 2.76 0.00703 0.1345
190 -549 2.89 0.00484 0.1513
250 -547 2.79 0.00315 0.1597
T 81: F.V.E. electrodie, 13.47 cm2, pH 2.5
25°C, 0.5M S04~, 0.1M Fe + 3
2 0 0  rpm
mv ma ma/cm




-570 1 2 . 2 0.91




-611 96 . 0 7.13
-705 105.0 7.81
-736 1 1 0 . 0 8.17
no hydrogen bubbles 
observed
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Figure 41 - continued
T 87: FoV.E 0 electrode, 13.41 cm2 , pH 2.5,
25°C, 0,51 S04= } 0.025M Fe + 3
' xpat
atv am
• w W C w l l w w W m *
ma/cm2
- 592 1 . 8 0.13
- 600 9.2 0.69
- 601 1 6 . 0 1.19
1  ^ ^ 0 24.0 1.79
- 651 27.0 2 . 0 1
728 32.0 2.39
-;,'791 42, 5 3.17
t  839 59.0 4.40
1  | P 71.0 5.30
- 921 84.0 6,26
- 1 0 1 0 1 0 0 . 0 7.46
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Figure 41 - continued
T 8 8 : F.V.E. electrode, 12.93 cm3 , pH 2.5,
25°C, 0.5M S0„” , 0.05M Fe + 3
_____ 1 0 0  rpm_____
mv ma ma/cm3
-579 6 . 2 0.48
-580 13.2 1 . 0 2








 2 0 0  rpm ____
mv ma ma/cm3












-608 55.0 4. 25
-661 76.5 5.92
-871 1 0 0 . 0 7.73
-889 105.0 8 . 1 2
